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“None would question the great utilitarian v^aiue of ti-aiiiiug in analysis, 
for its uses are too obvious and manifold. Chemical analysis serves as a 
guide and control in manufacturing oi)erations of the most diverse kinds, 
it is an indispensable aid to the medical man in the diagnosis and cure 
of disease and to the water engineers in insuring supplies of wholesome 
drinking water, it is a [)rotection to the public against the fraudulent 
trader, and a court of api)eal for research workei's in othei’ branches of 
chemistry.’' 

The above (juotation is from the retiring address of Dr. Louis Eynon, 
President of the Society of Public Analysts (Great Britain), at its 75th 
Annual General Meeting.* 

*Chem. and Engineering News, 27 (1949), 1353 




PREFACE TO REVISED EDITION 


The reception of the first edition of this book by teachers, calling 
for a number of reprintings, has been a source of gratification to 
the author. In the revision, the changes and additions have been 
almost exclusively limited to the laboratory section of this book. 

In making these changes, the aim has always been to improve the 
procedures so as to yield more accurate results with greater ease 
and certainty. 

To this end a number of researches were carried out by the 
author and his research students and the results incorporated in 
new procedures. Numerous test analyses showed the latter to 
be thoroughly reliable. 

The most important changes in this edition may be briefly sum¬ 
marized as follows: 

The schemes of analysis for the cations have been modified 
wherever experience showed that changes were necessary. 

The entire procedure for the systematic detection of the Group 2 
anions has been rewritten to conform with the results of an exten¬ 
sive investigation carried out by N. Gaylord under the author’s 
direction. 

The section dealing with the elimination of interfering anions 
prior to the cation analysis, has been subjected to renewed experi¬ 
mental study and the results embodied in new directions. In this 
connection, it is gratifying to nol/C that the original stand of the 
author established in his published papers and texts has been 
generally adopted; viz., that in systematic analysis of mixtures 
of salts containing many anions, it is not optional but imperativo 
that the examination for anions precede that for the metal ions. 

For reasons stated in the Preface to the first edition, the author 
still believes in a restricted use of organic reagents. In this edi¬ 
tion, however, he has included Yotocek’s fuchsin reagent as an 
additional test for the sulphite ion, since this anion is often missed, 
especially when present in small amount. With the limitations 
stated in the text, the author has found this reagent particularly 
valuable for this purpose. 

vii 
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The simple modified etching test as proposed by Hagen was 
tried out and adopted. It has been in use at the College for a 
number of years and has given excellent results. 

For those who may prefer the classic ferric chloride method for 
removing phosphate ion, adequate directions based on laboratory 
tests have been included in tliis edition. The zirconyl cliloride 
method has also been retained because it is believed simpler and 
more rapid than the older method. 

In (he Appendix, tlie section dealing with the preparation of 
reagents has been revised. Also, in this part are included an out¬ 
line of the system of ^‘checking in^’ and ^‘checking out’’ used at 
the College and a list of student assignments and lecture topics. 
The latter have proved extrcmcily useful in conducting the course 
and it is believed may be profitably followed by others. 

Tlie author has refrained from supplying a sample examination 
paper as well as increasing the number of questions on the text, 
feeling that these should be left to the individual instmetor, who 
is the best judge of what his students can cover in the text. 

Of late years there has been a tendency in certain chemical 
circles to underrate the value of analytical chemistry, particularly 
Quali(.ative Analysis, in the chemical curriculum. It is maintained 
that there is too much repetition of the same operations in the 
analysis of solutions. 

In answer to this criticism, it- is well to call attention to the 
fact that Qualitative Analysis is a well organized art and like all 
arts, proficiency in its practice can only be attained by repeated 
exercise. Again, aside from its many important applications in 
industry, medicine, and agriculture, a laboratory course in Qual¬ 
itative Analysis is of great value for the training it affords in the 
application of experimental methods to the solution of problems 
such as the identification of substances and the determination of 
the composition of solutions and mixtures. For only by actual 
laboratory work, skillfully carried out, can the desired result be 
attained. 

It is the opinion of the author that despite the introduction of 
instrumental methods of analysis, a course in Qualitative Analysis, 
consisting of preliminary experiments, followed by the analysis 
of known and unkno\vn solutions, is still essential for those intend¬ 
ing to follow a scientific profession. 

The author wishes to acknowledge his indebtedness to Howard 



PREFACE TO REVISED EDITION 


IX 


Devitt Curtman for many useful and valuable suggestions made 
in the course of the preparation of this edition; His intimate 
acquaintance with the field of Qualitative Analysis as a result of 
nearly twenty years of teaching has been extremely helpful in 
collating much new matter and revising and improving old pro¬ 
cedures. The author is further indebted to him for his unstinting 
aid in the preparation of the manuscript, as well as for his able 
assistance in reading the proof and in the preparation of the Index. 

L. J. C. 
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The present volume on semimicro qualitative analysis is the 
product of much experimental research work carried out per¬ 
sonally by the author during the past two years. The work was 
undertaken to provide a practical course in qualitative analysis 
employing smaller quantities of sample and reagents than those 
used in macro work. 

Without sacrificing any of the educational objectives of the 
macro course, it has been possible to speed up the laboratory 
work to such an exteht, that considerably more ground can now 
be covered than was formerly included in a one semester 
course. 

Th(^ schemes of analysis containing many improved procedures 
developed at the College were modified to meet the requirements 
of semimicro work. In mimeograph form, these schemes were 
tried out with large clavsses with gratifying results. Every element 
is finally s(*parated in the form of some (characteristic compound, 
before its j)rosence is confirmed, permitting a rough (estimation 
to be made of (‘a(;h element at the point of the sclu'rne where it is 
detectf'd. 

A numb(a’ of iiew procedures have beem incorporated in the 
schenies of analysis, rendering the latter more accurate and easier 
to (^arry out. Many of th(\se were introduced for the first time in 
the author^s earlier publications and it has been gratifying to note 
their widivspread adoption in other texts. Some of those innova¬ 
tions ar(^: tbe adjustment of the acidity by neutralization prelimi¬ 
nary to precipitating Group 2; th(‘ use of potassium liydroxide to 
separate the divisions of Group 2; adequate provision for the 
detection and complete removal of pentavalent arsenic; the detec¬ 
tion and (istimation of sodium; the removal of phosphate by means 
of zirconyl chloride; the removal of interfering anions prior to the 
examination for cations; some elimination tests for the acids; and 
a new test for bromide. 

Only a few organic reagents have been employed in the schemes. 
They are those almost universally used in macro work. The prac¬ 
tice of introducing into the semimicro course a large number of 
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organic reagents is pedagogically unsound, since the average 
student in qualitative analysis does not possess sufficient knowF 
edge of organic chemistry to understand the complex reactions 
involved. Moreover, in spite of the tremendous literature that 
has grown up in this field, much intensified research work still 
remains to be done before many of these new reagents can be 
confidently recommended. 

In the treatment of the anions, rather than cover the entire 
number superficially, it was thought preferable to limit the work 
to the more important ones and to treat these thoroughly. As in 
the treatment of the metal ions, a discussion of the characjteristics 
of the individual members of a group of ani^is precedes the schc^rne 
of analysis. This plan insures a more intelligent approach to the 
schemes which follow, since the student then understands the 
theoretical basis for the procedures employed. 

An outstanding feature of the laboratory section of this book is 
the emphasis which is properly placed on laboratory technique* 
For, no matter how accurate the directions may be, the degree of 
success attained with them depends upon the efficaeiuy and skill 
with which they are carried out. To aid the student in the proper 
carrying out of operations, numerous diagrams and photographs 
have been supplied. 

No sharp line of demarcation has been drawn between micro 
and semimicro qualitative analysis. In this book, the latter is 
definitely restricted to a field of analysis in which the reactions 
and operations of macro work are reduced to a scale of to 
combined with a specialized technique developed and Uvsted to 
give reliable results. 

Reducing the scale of operations has resulted in cutting down 
not only the cost of chemicals but also the quantity of sample and 
the size of the apparatus, as well as the volume of noxious labora¬ 
tory fumes. And when the centrifuge is used to replace the filter, 
the separations are more rapidly and completely effected and the 
precipitates more thoroughly washed. These advantages lead to 
faster, neater and more accurate work. 

In the section on Theory comprising a large part of the book, a 
thorough though elementary treatment of theoretical principles is 
given, and special stress is placed on the structure of compounds, 
the theory of ionization, chemical equilibrium, solubility product, 
complex ion formation and oxidation-reduction. To test the 
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student’s mastery of the principles discussed, typical numerical 
problems have been included. 

With few exceptions, students who take up the study of quali¬ 
tative analysis find difficulty in writing equations, particularly 
those for redox reactions. They also lack facility in making calcu¬ 
lations such as are involved in the preparation and dilution of stand¬ 
ard solutions and in the calculation of the quantity of a reagent 
requir(‘d to react completely with a given quantity of cation or 
anion. For these reasons, special .sections on equations and calcu¬ 
lations have been prepared. 

It is the author’s conviction that preliminary experiments, when 
intelligently performed, constitute the logical preparation for sys¬ 
tematic analysis. But neither the working diret^tions for these 
experiments nor the student’s notes are a suitable text. For this 
reason, a d(*scriptive section has been provided, in which all the 
important reactions in qualitative analysis are considere^d from the 
standpoint of the theory discussed in the earlier part of the book. 
This s(‘Ctiori is an indispensable part of a text on qualitative analy¬ 
sis since it supplies the lu^eded material for study and reference. 

In the systematic analysis of an unknown mixture of compounds, 
th(^ examination for the anions precedes the analysis for the metal 
ions. This order has been adopted as the only logical one, since 
the great majority of the anions interfer(> with the systematic de¬ 
tection of the metal ions. 

Thrcnighout this book the aim has been closely to coordinate 
theory and laboratory work for the purpose of i:)roviding a sound 
scientific foundation for the prospective student of chemistry, 
medicine, dentistry, agriculture and engineering. 

With the completion of the p)reliminary exp)eriments on the 
anions, one of two pjlans may be followed depending upon how much 
time is available. Where the time is short, the course can be ter¬ 
minated with the identification of two or three simple substances. 
However, when more time is available, it is preferable to omit the 
section on the identification of a simple substance and to proceed 
at once with the analyses of simple mixtures of salts. 

Somewhat more material is supplied in this book than can be 
covered by the average student in one semester. The additional 
material is intended to aid the more efficient and rapid workers 
who instead of doing additional analyses of the simple type may 
be encouraged to take up more complex mixtures. 
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INTRODUCTION TO SEMIMICRO 
QUALITATIVE CHEMICAL 
ANALYSIS 

INTRODUCTION 

Qtialitative Analysis. Analytical chemistry deals with the 
methods of determining the composition of substances, mixtures 
of substances and solutions. When the chemi(;al examination is 
restricted to finding which ions or components are priisent as well 
as an approximate estimation of their amounts, the analysis is 
said to be qualitative. When, however, the precise proportions of 
the ions or components are determined, the analysis is quantitative. 
Obviously, the former precedes the latter in the complete analysis 
of a given unknown. In many cases, a qualitative analysis alone 
is sufficient to lead to the identification of a substance or mixture. 
If, for example, an unknown is found to contain nothing else but 
Na+ and Cl”, the substance must be NaCl. If the unknown is a 
simple substance, the determination of a number of its physical 
and chemical properties will frequently lead to its identification. 
For a mixture, however, it is usually necessary to effect a separa¬ 
tion of the components before the latter can be positively identified. 

In the early days, qualitative analysis was studied chiefly as an 
art consisting of the skillful application of certain methods which 
had been empirically derived. With the advance of chemistry 
as a science, practically all these methods were shown to rest on 
scientifiic principles. Hence, modern qualitative anafjf^sis not only 
considers the various laboratory procedures which the chemist 
employs in identifying substances, but it also concerns itself with 
the laws and theorieKS which supply the rational interpretation of 
these methods. 

Terms Employed in Qualitative Analysis. If to a water solu¬ 
tion of Na2S04 which is not too dilute, we add an aqueous solution 
of BaCls, a white finely divided solid substance separates. The solid 
substance is BaS04 and is called a precipitate. The chemical proc-^ 

1 
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ess, as evidenced by the formation of the new substance BaS04, 
is called a reaction or ted for the SO4 ion. The solution of BaCl2 
employed to produce this reaction is called the reagent. The pre« 
cipitate may be separated from the solution by allowing the for¬ 
mer to settle and then carefully pouring off the clear solution. 
This operation is known as decantation. Complete separation 
cannot be effected in this manner. However, by centrifuging the 
mixture, the precipitate can be thrown down in compact form to 
the bottom of the tube, permitting the clear supernatant liquid to 
be drawn off by means of a pipette. This process so frequently 
employed in semimicro work to separate a solid from a solution 
in which it is suspended is known as centrifugation. The precipi¬ 
tate remaining in the tube is often referred to as the residue while 
the liquid which is drawn off is called the centrifugate or solu¬ 
tion. 

The equation for the reaction may be written as follows: 

2 Na+ + S04“ + Ba++ + 2 Cl- BaS04 + 2 Na+ + 2 Cb 

from which it is evident that the precipitate of BaS04 will be in 
contact l^ith a solution containing Na“^, Cl” and Ba'^^; the pres¬ 
ence of Ba'^^ is due to an excess of the reagent which is usually 
added. After the removal of the solution, the BaS04 residue will 
not be pure but- will be wet with a solution containing the above 
ions. To remove the latter, the precipitate is treated with water 
and the mixture stirred. This dilutes the solution in contact with 
the precipitate and when removed leaves the precipitate wet with 
a more dilute solution of the above ions. By repeated treatment 
with separate small amounts of water, the quantity of ions left in 
the residue is reduced to a negligible amount. The precipitate is 
usually so sparingly soluble in water, that Tor all practical pur¬ 
poses it may be considered as remaining insoluble during the treat¬ 
ment. The process just outlined for removing soluble impurities 
from a rather insoluble precipitate is known as washing. 

To ascertain when the precipitate has been completely washed, 
we need only test the solution obtained from the third or fourth 
washing for one of the ions which it is desired to remove. In the 
case under consideration, we choose the Cl” because this can be 
readily detected. Accordingly, we treat about 2 drops of the wash¬ 
ings with a drop of reagent AgNOs and if no precipitate of AgCl 
forms, we know that the washing has been complete. If on the 
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other hand a precipitate of AgCl forms, the washing is continued 
until the wash water gives a negative test with AgNOa. 

Method of Qualitative Analysis. In identifying a substance 
such as KCl one does not isolate the potassium in order to recog¬ 
nize this metal; nor is chlorine gas obtained from the compound. 
Such a method of analysis would be accurate but in many cases 
extremely difficult to carry out. A more convenient and equally 
reliable procedure consists in taking the substance into solution 
and then, in separate portions, by means of appropriate reagents, 
forming characteristic insoluble compounds of each of the ions. 
Thus, in the case under consideration, the presence of Cl“ would 
be indicated by adding dilute HNO3 and AgNOs to a portion of 
the solution. The formation of a white curdy precipitate in the 
presence of dilute HNO3 would indicate the presence of Cl*" (see 
next paragraph). To another portion of the original solution we 
should add a little of the reagent Na3Co(N02)6. 'A yellow pre¬ 
cipitate would show the presence of 

Of course the above tests are only conclusive in the absence of 
other ions capable of giving similar tests. Thus the test for Cl"* 
is valid only if the ions CN~, CNS“ and Fe(CN) 6 ““ are absent. 
Similarly, the test for K+ is only reliable if NH4"^ is absent. There 
are specific tests for each of these interfering ions. If tests for the 
latter are negative, then the above tests become conclusive. How¬ 
ever, if positive tests are obtained, then a method for removing 
them must be applied before making the general tests. 

In identifying a substance, the reaction generally chosen is one 
which appeals to the sense of sight and occasionally to the sense of 
smell. Hence the reactions most frequently employed are those in 
which there is a change of state, i.e., in dealing with a soluble sub¬ 
stance, an insoluble solid or gaseous compound is formed by the 
addition of the appropriate reagent. Thus, to test for Cl" in NaCl, 
we form insoluble AgCl by adding AgNOa; to test for CDs’" in 
Na2C03 we add dil. HCl which causes the evolution of CO2. To 
test for S* in FeS we add dil. HCl. In the case of insoluble com¬ 
pounds, a soluble one is formed; thus to identify AgCl we treat it 
with NH3. Since there are so many white substances, wherever 
possible, those reactions are chosen which give a colored com¬ 
pound. Thus, in testing for Cd++, we form the highly character¬ 
istic yellow CdS. Similarly in testing for antimony, we form red 
SbaSs. 
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Limitations of Tests and Their Significance when Negative. 

There is a limit to the quantity of any ion in a given volume that 
may be detected by a given reaction. Thus when diminishing 
quantities of ferric ion are treated in separate test tubes with a 
slight excess of dilute ammonia solution and the total volume 
including the reagent is made up to 5 ml., we find that a slight 
reddish-brown precipitate is obtained with 2.5 mg. while 

with quantities from 0.5-0.25 mg. a light precipitate 

looking like a coloration is formed. When the quantity of Fe+'^'^ 
is further reduced, it is found that the color becomes faint with 
0.125 mg. and finally with 0.062 mg. Fe"’^ the color is barely 
distinguishable from the control. The latter is prepared by mixing 
in a test tube a little dilute ammonia solution with sufficient dis¬ 
tilled water to yield a volume of 5 ml. The limit of the test is 
therefore 0.062 mg. and represents a concentration of 1 part 

in 80,000. 

A negative test, therefore, does not mean that the ion tested for 
is necessarily absent. It merely proves the absence of a quantity 
of the ion equal to or greater than the limiting amount which the 
test is capable of detecting under the conditions of the experi¬ 
ment. The sensitivity of a precipitation test depends not only 
upon the solubility of the substance precipitated, but also upon 
those factors which affect the visibility of the precipitate in very 
dilute solutions, such as its form, density and color.* 

* See Curtman and St. John, /. A. C. S., S4 (1912), 1679. 
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THEORY 

THE STRUCTURE OF COMPOUNDS 

According to modern theory,* the structure of the atom is 
analogous to that of the solar system. The center, corresponding 
to the sun, is called the nucleus. It contains practically the en¬ 
tire mass of the atom. Surrounding the nu(*leus at relatively 
great distances and arranged in circles or shells, there are a num¬ 
ber of units of negative electricity, called electrons. The nu(!leus 
consists of positively charged particles called 'protons and a number 
of neutral particles called neutrons^ each of the latter posvsessing 
the same mass as the proton.t The number of protons is identical 
with the Moseley atomic number t of the element. Since the atom 
in the uncombined state is electrically neutral, the total positive 
charge of the nucleus must be exactly equal to the total negative 
charge of the electrons outside the nucleus. Hence the atomic 
number gives not only the number of protons in the nucleus but 
also the number of electrons. § 

♦ The theory of the structure of compounds is given at the beginning of this book 
because it can be used to explain many facts. The shortcomings of this theory, 
however, must not be construed as affecting in the slightest degree the foundations 
of the science of chemistry; for the latter are of an experimental nature. Often, in 
applying the theory it would seem that the facts, as observed, follow as direct 
consequence of the theory and the impression is likely to be gained that the dis¬ 
covery of the facts followed the application of the theory. While there are a 
number of isolated cases of this sequence, the reverse is generally the case. A 
study of science shows that a theory unlike a fact is a changeable thing and that 
many theories though useful in their day were eventually discarded as being un¬ 
tenable. A proper scientific attitude requires that a theory be modified or aban¬ 
doned when it is no longer in harmony with the facts. 

t The hydrogen atom has but one proton in its nucleus and one electron in the 
outer shell. 

t When the elements are arranged according to their increasing atomic weights 
as in Mendelejeff’s table, the position of a given element, with few exceptions, will 
be its atomic number. 

S The mass and composition of the nucleus are of little importance compared with 
its electric charge, for the latter determines the number of electrons in the atom, and 
this in turn, as we shall see later, determines its chemical properi^ies. 

5 
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Furthermore, since the atomic weight of the element represents 
the total number of protons and neutrons, it follows that the dif¬ 
ference between the atomic weight and 
atomic number gives the number of neu¬ 
trons in the nucleus. An example will 
make this clear. Lithium has an atomic 
weight of 7 and an atomic number of 3. 
Hence the atom is composed of 3 planetary 
electrons and a nucleus consisting of 
3 protons and 4 neutrons. Since the first 
shell of every atom (hydrogen excepted) 
contains 2 electrons, the structure of the 
lithium atom is as shown in Figure 1. The following table shows 
the electronic structures of some of the elements. 



Fig. 1 


Table I. Electronic Structures of Some of the Elements 


Element 

At. 

No. 

1st 

Level 

2nd 

lyCVcl 

Srd 

Level 

4th 

Level 

5th 

Level 

6th 

Level 

Hydrogen . . . 

1 

1 






Helium .... 

2 

2 






Lithium ' . . . 

3 

2 

1 





Beryllium . . . 

4 

2 

2 





Boron .... 

f) 

2 

3 





Carbon .... 

6 

2 

4 





Nitrogen . . . 

7 

2 

5 





Oxygen .... 

8 

2 

6 





Fluorine . . . 

9 

2 

7 





Neon .... 

10 

2 

8 





Sodium .... 

11 

2 

8 

1 




Magnesium . . 

12 

2 

8 

2 




Aluminum . . . 

13 

2 

8 

3 




Silicon .... 

14 

2 

8 

4 




Phosphorus . . 

15 

2 

8 

5 




Sulphur . . . 

1(3 

2 

8 

6 




Chlorine . . . 

17 

2 

8 

7 




Argon .... 

18 

2 

8 

8 




Krypton . . . 

3() 

2 

8 

18 

8 



Xenon .... 

54 

2 

8 

18 

18 

8 


Radon .... 

86 

2 

8 

18 

32 

18 

8 


An examination of Table I shows that with the exception of 
helium, all the inert gases have an outermost shell of 8 electrons. 
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Hence it is inferred empirically that all atoms tend to establish a 
stable structure by acquiring 8 electrons in their outermost shells. 
Consider the sodium atom. It has (see Table I) an atomic 
number of 11. Its first and second shells contain respectively 2 
and 8 electrons, leaving but one electron for its outermost shell. 
The chlorine atom on the other hand with its atomic number of 17 
has 7 electrons in its outermost ring. Each of these atoms is un¬ 
stable in the sense that their outermost shells are incompletely 
filled. The chlorine atom by a(‘quiring one electron could fill 
its outer ring and become stable while the sodium atom could reach 
a similar condition by a loss of one ('lectron. According to theory, 
the combination of Na and Cl to form NaCl consists in the sodium 
atom giving up its outer electron to the chlorine atom. In this, 
as in all similar reactions, it is the outer electrons which take part in 
the change. We may therefore graphically represent this change 
as follows: 

Na- +. C) : ^ [Na]" [: Cl:]" 

By the loss of an electron, the electrically neutral sodium atom 
acquires a net positive charge. It has been converted into the 
sodium ion, Na*^. Similarly, the chlorine atom by gaining an 
electron is charged negatively and becomes the chloride ion, Cl"*. 

Compounds like NaCl in which the atoms are united by an 
actual transfer of electrons from one atom to the other are known 
as electrovalent because their components, the oppositely charged 
ions, are held together by electrostatic attraction. They are also 
called polar compounds. 

Atoms may, however, attain the stable structure of 8 electrons in 
their outermost shells by a process of sharing electrons. Thus, two 
chlorine atoms may each fill their shells by sharing a pair of elec¬ 
trons between them.* E.g., 

;cr +^ci^->:aicf^ 

xx^ •• XX^ 

This type of union, it will be observed, does not result in the 
formation of ions. It was called by Langmuir covalence to 
distinguish it from electrovalence in which ions are formed. In 

* In these and similar representations, only the outer electrons are given The 
electrons are designated by dots and crosses to distinguish the electrons belonging 
to different atoms. 
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the formation of NH3 from nitrogen and hydrogen there is a 
covalent linkage. Thus 

H 

. N: + 3H^->:NiH 

H 

It is evident that in the ammonia molecule each atom possesses a 
stable structure, since the number of electrons surrounding the 
nitrogen is 8 and that for each hydrogen is 2 (the stable helium 
structure). In the ammonia molecule, there are three pairs of 
electrons which are equally shared by the nitrogen and hydrogen. 
The sharing has been equal and mutual since the nitrogen has 
contributed 3 electrons while each hydrogen has donated one 
electron. The reader will note that the nitrogen atom in ammonia 
still possesses a lone pair of electrons. We shall see later that 
compounds like NH3 and H 2 O possess special properties by virtue 
of having one or more lone pairs of electrons. In the formatign of 
water from hydrogen and oxygen, there is a sharing of electrons. 

p: + 2HX-^HiO*H 

Water is evidently a covalent compound. To the presence of two 
lone pairs of electrons in the water molecule is undoubtedly due 
many of its unusual properties. 

The ordinary single bond linkage in organic compounds repre¬ 
sents a pair of electrons or a covalent bond. It is customary, 
therefore, to designate the covalent link by a single line; thus 
the formation of NH3 may be briefly written as follows: 

H 

I I 

N— + 3H- H—N—H 

• I 


The line here represents not only the shared pairs but also the 
lone pairs of electrons. 

A double bond would mean a sharing of 4 electrons. Thus in 
the formation of the oxygen molecule, we have 


or 


:6: + :0; 
—(!)— + —(!)— 


0::0 

44 - 
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We could simplify these formulas still further by omitting the lone 
pairs. The formula for the oxygen molecule would then be briefly 
0 = 0 . 

In the cyanide ion, CN“ it is believed we have a sharing of 3 
pairs of electrons, the 10 electrons* being distributed as follows: 

[:C:::N:]-“ or [C=N]" 

Valence. From the standpoint of the electronic theory, the 
valence of the uncombined neutral atom is zero. In electrovalent 
compounds, the valence of an atom will be the number of electrons 
it loses or gains in going from the neutral to the (combined state. 
When electrons are lost, the valence is positive, when gained, the 
valence is negative. The valence is identical with the charges of 
the ions formed as a result of the transfer of electrons. Thus in 
NaCl, the sodium has a valence of + 1 while the chlorine possesses 
a valence of — 1 . In CaO, the valence of Ca is + 2 while that of 
0 is — 2. In covalent compounds, the valence of an atom is the 
number of pairs of electrons which it shares with its neighboring 
atom. Since there is no transfer of electrons in a covalent union, 
the valence will have no sign.t For example, in CH 4 , carbon has a 
valence of 4 and each hydrogen a valence of 1. In CO 2 , the valence 
of carbon is 4 while that of each 0 is 2. In the following formulas 
the valencies are indicated by the number of connecting lines 
between the atoms linked. 

H 

I 

H—C—H 0=C=0 

I 

H 

Stunmary. We may now briefly summarize the preceding para¬ 
graphs by stating that all atoms t tend to form the stable electronic 
arrangement of the nearest inert gas by acquiring an out(?rmost 
shell of 8 electrons. This may be accomplished (1) by gaining or 
losing electrons, or (2) by sharing electrons. Compounds formed 
in the first way consist of ions and are said to be electrovalent. 
Compounds resulting from the second method of linking are non- 

* Carbon has 4, nitrogen 5 and one electron for the negative charge. 

t In such compounds, one of the atoms is arbitrarily said to have a negative 
valence number and the corresponding one a positive valence. Thus in NHa, the 
valence number of N is considered arbitrarily as — 3 and each H given a valence 
number of 1. In PCU each Cl has a valence number of — 1, which gives P a 
valence of -b 3. In CH4, the valence number of C is — 4. 

t Hydrogen either gains or loses but one electron (however, see p. 12). 
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ionic in character and are said to be covalent. The great majority 
of salts belong to the first class while in the second group we find 
most of the organic compounds. 

Valence in the Long Periods. It has been stated that all atoms 
tend to form electronic structures corresponding to those of the 
inert gases. This is true for many elements, but there are some 
notable exceptions to this rule even in the short periods. Thus, 
BCI3 and PCls are stable compounds. Yet in one the octet has not 
been filled while in the other the number of electrons in the outer¬ 
most shell is greater than eight. These deviations are quite 
numerous among the elements of the long periods. For example, 
consider the zinc atom. Its atomic number is 30. It has therefore 
30 extra-nuclear electrons. Now the two inert gases which it ought 
to approach in structure are A (18) and Kr (36). Theoretically 
we should expect the zinc atom to lose 12 electrons or gain 6 yield¬ 
ing a zinc cation with a valence of 12 or a zinc anion with a valence 
of 6. We know that the zinc atom forms a stable divalent cation. 
It appears therefore that the stable electronic group for zinc is 
not 18 or 36 but 28. The distribution of electrons in the zinc atom 
is therefore given as 2, 8, 18, 2. Similar considerations apply to 
the structures assigned to other elements in the longer periods. 
An examination of the atomic structures of the elements of the 
longer periods shows that the maximum number of electrons in the 
third level is 18, and that in numerous cases electrons are found in 
the fourth level even though the maximum number in the third 
level has not been reached. The following are examples: 

K19 (2,8,8,1); Sc 21 (2,8,9,2) ; Ni 28 (2,8,16,2); Br 35 (2, 8,18, 7) 

Variable Valence. Below are given the (dcctronic structures of 
some of the elements exhibiting variable valence. 


Element 

Atomic 

No, 

Structures 

Ti 

22 

(2, 8, 8, 4) (2, 8, 9, 3) (2, 8, 10, 2) 

V 

23 

(2, 8, 8, 5) (2, 8, 9, 4) (2, 8, 11, 2) 

Cr 

24 

(2, 8, 8, 6) (2,8,11,3) (2,8,12,2) 

Mn 

25 

(2, 8, 8, 7) (2, 8, 9, 6) (2, 8, 12, 3) (2, 8,13, 2) 

Fe 

26 

(2, 8, 13, 3) (2, 8, 14, 2) 

Co 

27 

(2, 8, 14, 3) (2, 8, 15, 2) 

Ni 

28 

(2, 8, 16, 2) 

(2, 8,17, 2) (2, 8, 18, 1) 

Cu 

29 
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Titanium compounds are known in which the atom has a valence of 
4, 3 and 2 respectively. Compounds of tetravalent titanium are 
derived from the atom having the structure (2, 8, 8, 4). By a loss 
of 4 valence electrons, Ti'^+++ is formed possessing the same 
stable structure as the argon atom. The titanous compounds 
are derived from the structure (2, 8, 9, 3). It will be observed 
that in formulating this structure, it is assumed that one of the 
valence electrons has been drawn down into the third shell. 
Similarly for divalent titanium it is supposed that two electrons 
have been displaced from the fourth shell. The same principle 
has been applied in the determination of the structures of the other 
elements showing variable valences. 

Dative or Coordinate Covalence. In the examples thus far 
cited of atoms united by covalence, each of the atoms so linked 
contributed one electron to the duplet which was shared by both. 
There is, however, another type of covalent union in which both 
electrons of the shared duplet are contributed by a single atom. 
This form of union is known as dative or coordinate covalence to 
distinguish it from the other type which we may term normal cova¬ 
lence. The dative bond is sometimes referred to as a s(mi-polar 
bond and is generally indicated by an arrow pointing to the atom 
accepting the pair of electrons. Thus the formation of NH 4 '^ from 
NHs and may be represented as follows: 


H 

■ H 

4- 

— 

H 1 

1 

H:N: + H+ 


or simply 

H- 

-N—H 

H 

H 



1 

H J 



. 


The nitrogen in NHs has a completed octet. It possesses, however, 
a lone pair of electrons which it can share with another atom or 
group capable of accepting them. Now the hydrogen ion, has 
no electrons but can form the stable helium structure by sharing 
2 electrons. Hence combination of NHs and H"^ takes place as 
indicated above. But since the hydrogen ion, H+, has a positive 
charge, the resulting ammonium ion will also have a unit positive 
charge. In general, whenever a neutral molecule unites with an 
ion, the resulting complex ion will have the charge of the ion. 
After the NH 4 '^ has been formed, there is no difference between 
the H atoms originally present in the NHs molecule and the H 
atom acquired, since each is attached to the nitrogen atom by a 
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shared pair of electrons, A similar reaction takes place in the forma¬ 
tion of the oxonium ion when hydrogen ion combines with water. 


H:0:H + H+ 


H:0:H ^ 
H 


Water and ammonia are not exceptional in their ability to unite 
further with other ions by dative covalency. This property we 
shall see is common to a large number of substances possessing a 
lone pair of electrons. The existence of polymerized molecules of 
water such as (H 20)2 and (H 20)3 can be accounted for on the as¬ 
sumption that one molecule of water can donate a lone pair of 
electrons to the hydrogen of another molecule. Thus 

H 

H 

In the above structure, it must be assumed that the hydrogen atom 
can build up its shell to 4 electrons, or in other words that it can 
share two pairs of electrons. This would give it a valence of 2. 
The formation of the ion (HF 2 )~ can be explained on the assump¬ 
tion that hydrogen can act as a divalent atom. 

n:F: + [:?:] -" [:F:H:F:]' 

Polar and Non-Polar Compounds. From the standpoint of the 
electron theory, we can divide compounds into two classes depend¬ 
ing upon whether the linkage between the united atoms is one of 
electrovalence or covalence. Compounds of the former class are 
called polar while those of the latter group are termed non-polar. 
Some of the properties of polar compounds by means of which 
they can be recognized as belonging to this group are the following; 
They are ionized; they are reactive, boil at high temperatures and 
yield no isomers. Non-polar compounds on the other hand are not 
ionized, they are inert, boil at low temperatures and 3 deld isomers. 
Further, X-ray analysis of ionized salts shows that the ions are 
closely packed in the crystal lattice while the molecules of covalent 
compounds in the crystalline state arrange thefnselves in a rela¬ 
tively loose open structure. This last test shows that magnesium 
and calcium oxides are electrovalent while beryllium oxide and 
calcium sulphide are covalent. 
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While there is a sharp difference between the extreme types of 
polar and non-polar substances, a study of compounds shows that 
between these limiting types there exists a great number of transi¬ 
tional forms. However, under any set of specified conditions, the 
properties of a given compound are such as to place it definitely 
in one or the other class. 

Polarity of Some Covalent Compotmds. In the formation of a 
covalent union, we have assumed that the linked atoms shared a 
pair of electrons equally; but if this was not the case, if one atom 
appropriated more than the other, the resulting molecule though 
neutral would be somewhat polar. Methyl chloride is a good 
example of an organic compound which we would expect to be non¬ 
polar. Yet actual measurements show that this substance is 
slightly polar in the liquid state. We are therefore led to believe 
that this condition is due to an unequal sharing of electrons between 
the carbon and (dilorine atoms. Many covalent compounds are 
thus shown to be slightly polar for the same reason. Compounds 
containing a dative covalent link also possess slightly polar prop¬ 
erties ; this is notably the case with associated liquids like water. 

Dipole and Dipole Moments. When the sharing of electrons in a 
covalent compound is unequal, the shared electrons may be con¬ 
ceived as being closer to one atom than to the other with the result 
that the centers of the positive and negative charges of the molecule 
will not coincide. Such a molecule will have a permanent electrical 
dipole. Figure 2 shows 3 molecules of increasing polarity, the 
latter depending upon the extent to which there has been a separa¬ 
tion of positive and negative charges. 


p 





+ 

+ 



LJ 



1 

2 


Fig. 2 



O' 

3 


The strength of the dipole, greater in 3 than in 2 or 1, is measured 
by the dipole moment; the latter /x is the product of the charge e on 
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either of the atoms (the positive and negative charges will be equal 
since the molecule is electric^ally neutral) multiplied by the dis¬ 
tance d between the centers of the charges. 

jLi = de 


A list of the dipole moments of a number of compounds is given 
in tlie following tables 


Sub.^tance 

fjL X 10^* Electrostatic Units 

N 2 , H,, CU, CO 2 

0 

HCl 

1.03 

H 20 

1.85 

NHs 

1.5 

CH 3 OH 

1.67 

CHCl, 

1.05 

C 6 H, 

0 

ecu 

0 


The determination of dipole moments is an experimental means of 
ascertaining whether or not there is an unequal sharing of electrons 
in a given covalent compound. Thus the table shows that nitro¬ 
gen, chlorine and hydrogen do not have dipole moments. This is 
what we should expect, since these molecules are all symmetrical. 
Chloroform and mcdhyl alcohol being unsymmetrical give dipole 
moments. Th(‘ fact that the dipole moment of CO 2 is zero also 
indicates a symmetrical structure for that gas, and rules out the 


triangular form C 




0 

''0 


in favor of the line model 0—C—0. 


On 


the other hand, the fact that water gives a dipole moment shows 
that the line formula H—O—H is wrong and that the triangular 
H 

model 

H 

Action of Solvent. Many covalent compounds when dissolved 
in water yield solutions similar in character to those given by 
electrovalent compounds. Thus hydrogen chloride in the form 
of the pure liquid or vapor is a covalent compound. Like most 
covalent compounds, it is a non-conductor and has a low boiling 
point. But when treated with water it yields a solution which is a 


more correctly represents its structure. 
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good conductor and hence the solution must contain ions. There 
is good reason for believing that the bare H+ or proton can exist 
only in the hydrated form, i.e., as (H+H 2 O) or [HsO]*^ called oxo« 
nium ion. Hence we may formulate the action of water on HCl 
as follows: 

H 2 O + HCl [HaO]^ + Cl- 

Polar and Non-Polar Solvents. It has been pointed out that 
there is no sharp line of demarkation between polar and non-polar 
compounds. Between a substance like NaCl in which we have a 
completely polar condition and benzene which is practically non¬ 
polar, there exists a large number of compounds exhibiting all 
degrees of polarity. Thus consider the water molecule. We know 
that it is ionized to a small extent, that it will cause the dissociation 
of the ions Na"^ and Cl" in salt, and that when placed between two 
condenser plates, a greater electric charge can be stored up tlian 
when benzene is used. These and other facts lead us to believe 
that although the atoms of water are covalently linked, the sharing 
is not equal. This condition must of necessity confer polar proi>- 
erties on the water molecules. Water being a polar solvent, we can 
now readily understand why it tends to orient itself when placed 
in an electric field. The water molecules will behave like magnets, 
the positive ends being directed towards the negative source of the 
field and the negative ends towards the positive source. In this 
way the intensity of the electric field will be reduced. The dialec- 
tric constant is a measure of this reducing tendency ; it also gives a 
measure of the polarity of the solvent. Thus water has a dia- 
lectric constant of 80 while that of benzene is 2. 

Polar substances like NaCl dissolve readily in polar solvents like 
water but not appreciably in non-polar solvents like benzene. 
Non-polar substances like naphthalene on the other hand do not 
dissolve in polar solvents but do in non-polar solvents. 

THE COORDINATION THEORY* 

The classic theory of valency satisfactorily accounts for the 
formation and deportment of such simple compounds as Cu(N 03 ) 2 , 
C0CI3 and AgCl. It does not, however, explain the capacity of 
these saturated substances to combine with similar saturated 

* New Ideas on Inorganic Chemistry. A. Werner. Longmans, Green & Co., 
1911. The Chomistry of the Inorganic Complex Compounds* R. Schwartz. Trans¬ 
lated by L. W. Bass. John Wiley & Sons, 1923. 
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compounds to form complex compounds, as Cu(N 03 ) 2 (H 20 )e, 
CoCl 3 (NH 3)6 and AgCl(NH 3 ) 2 . To explain the existence of these 
complex compounds, Alfred Werner assumed that simple com¬ 
pounds are not completely saturated but possess residual or auxil¬ 
iary valency. On the basis of this assumption he developed a 
theory of structure known as the coordination theory. 

According to Werner, CoCl 3 (NH 3)6 has the following structural 
formula: 



NH;, 

H,N-, 

i ,.NH; 



H 3 N 

' I -NH: 


NH3 



This formula is in harmony with the following facts: 

1. The aqueous solution is a good conductor of electricity 
The compound is therefore^ an electrolyte. 

2. Silv(^r nitrate precipitates all the chlorine from the aqueous 
solution of this (compound; hence all the chlorine exists as chloride 
ion. 

3. The aqueous solution docs not exhibit the specific properties 
of either NH3 or Co‘+'"‘“^. By treatment with acid, such as H2SO4, 
the NH3 does not form NH 4 ‘^. Hence the complex acts as a unit. 

4. Its aqueous solution gives a molar conductance similar in 
magnitude to that given by FeCIs, thus showing that each mole¬ 
cule of the salt yields 4 ions, viz. [Co(NH 3 ) 6 ]'^'^'^ + 3 Cl“. 

In th(^ structural formula, the cobalt atom and the 6 NH 3 mole¬ 
cules are en(*losed in brackets to indicate that together they con¬ 
stitute a (;los(‘d unit. In this group th(' cobalt atom is directly 
united with each of 6 ammonia moh'cules by 6 auxiliary or second¬ 
ary valences indicated by dotted lines. The chlorine atoms out¬ 
side the nucleus are not combined with any element within the 
brackets but are attracted to the entire group by an electrovalent 
linkage. As a (consequence the chlorine atoms readily split off as 
ions when the compound is dissolved in water. This type of 
union is called ionizable linkage. 

We see that Co acting as a central unit can link itself with a total 
of 6 radicals to form a complex. Sulphur on the other hand can 
form a complex by uniting with 4 groups. The number of groups 
(atoms, molecules, ions or radicals) which a central atom can hold 
together in the formation of a complex nucleus is called its coordi- 
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nation number. Each element according to Werner has a maxi¬ 
mum coordination number. For most metals this number is 6, 
while for non-metals it is 4. 

Valence of the Coordinated Group. The following is a list of a 
number of complex compounds together with the valence of the 
complex in each case. 


Compound 

Valence of Complex 

(1) [Co(NH3)6]Cl3 . 

3 - 0 - + 3 

(2) [Co(NH8)6CI]Cl2 . 

3 - 1 - -f 2 

(3) [Co(NH8)4Cl2]Cl . 

3 - 2 = -f 1 

(4) [Co(NH3)8(N08)8]. 

3 - 3 = 0 

(5) [Co(NH8)8(N02)4]K .... 

3 - 4 - - 1 

(6) [Co(N08)8]K8 . 

3 - 6 - - 3 

(7) [Fe+*(CN)8]K4 . 

2 - () =r - 4 

(8) [Fc«(CN).]K8 . 

3 - 6 - - 3 

(9) [Pt+^CUlKj . 

4 - 6 - ~ 2 

(10) [Fe+’(CN)8NO]Na8 .... 

3 - 5 - ~ 2 


An examination of the above formulas shows that the valence 
of the complex is equal to the valence of the central atom when the 
latter is coordinated with neutral or saturated molecules, e.g,, 
NHs, H 2 O, NO. When, however, the central atom is coordinated 
with negative radicals, as Cl”, NO 2 -, CN“, then the valence of the 
complex will be equal to that of the central atom minus as many 
units as there are negative radicals coordinated. 

All of the above complex salts with the exception of the fourth 
ionize in aqueous solution. The distinction between salts (2) and 
(3) is shown in their formulas. The former contains one chlorine 
within and two outside the nucleus, while the latter salt contains 
2 coordinated chlorine atoms, i.e., two atoms within the nucleus 
and one chlorine ion. The formulas for these compounds are not 
matters of conjecture but find experimental confirmation in the 
following facts: 

(а) In compound (2) two-thirds of the total chlorine may be 
precipitated by silver nitrate, while compound (3) yields only a 
third of its chlorine when treated with Ag ions. 

(б) Salt (2) is a ternary electrolyte since it yields 3 ions while 
salt (3), yielding only 2 ions, is a binary electrolyte. Electrolytes 
yielding the same number of ions should give, at great dilutions, 
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molecular conductance values that are rather close together and 
markedly differ(3nt from those of salts yielding a different number 
of ions. Experiment shows that salt (2) at a dilution of 1000 liters 
gives a molecular conductance of 244, which is very close to that of 
BaCb,* while salt (3) gives a value for closely approximating 
that of NaCl. 

While eompk'X compounds, as those shown aboVc, undergo 
dissociation in which the complex behave\s as a unit, very sensitive 
tests will, in some cas(\s, reveal the presence of some or all of the 
constituents resulting from the slight dissociation of the complex. 
For example, the water solution of [PtCl 6 ]H 2 contains the ion 
[PtCle]”. A characteristic test for the latter can be obtained by 
adding NH 4 ions to the solution, when a precipitate of (NH 4 ) 2 ptCl 6 
will form. Similar insoluble compounds are obtained by adding 
K+ or Tl'^. On the other hand, if the complex is treated with 
H 2 S, a precipitate of PtS 2 is formed, indicating that the complex 
ion PtCle" dissociates slightly into Pt+'*'++ and 6 Cl~ according to 
the scheme 

[PtCle]- Pt++++ + 6 Cl- 

The dissociation of the complex though small is sufficient to yield 
a concentration of pt++++ great enough to exceed the S. P. con¬ 
stant of PtS 2 . The dissociation of complex ions into simple ions is 
a property possessed by all of them, although the extent of the 
dissociation varies considerably. Thus, in the case of K 4 Fe(CN) 6 , 
written according to Werner's theory as [Fe(CN) 6 ]K 4 , the Fe(CN)e 
ion is so stable that none of the reagents for Fe++ will show the 
presence of the latter. To obtain a test for Fe++, the complex 
must first be broken up or its dissociation greatly increased. The 
test for the complex is, however, readily obtained by adding some 
Fe+++, which gives the characteristic Prussian blue precipitate 
with the complex. 

Between complex compounds and double salts there is no sharp 
line of demarcation. In general, double salts are only stable in 
the dry state; in solution, they decompose, yielding ions of both 
salts. Thus the double salt (MgCLi) (KCl) in solution yields Mg++, 
K*** and Cl- ions. The degree of stability of double and complex 

♦ For binary electrolytes, such as NaCI and KCl, at a dilution of 1000 liters the 
molecular conductance (ji) is about 125. For salts like BaCU, MgBrs (ternary 
electrolytes), fx is approximately 250, while for quateriiary electrolytes, such aa 
FeCb, is approximately 425. 
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salts in solution varies widely; the latter are generally more stable 
in solution. 

Methods of Naming the Complex Salts. In naming the com¬ 
plexes, Werner first mentions the coordinated groups in the follow¬ 
ing order: (1) Acid group, Cl (chloro), NO 2 (nitro); (2) H 2 O 
(aquo), OH (hydro); (3) NHa (ammine). In each case the prefixes 
di, tri, etc., are used to indicate the number of radicals of each 
group. Then follows the name of the central atom, and if the 
complex is an anion, the termination ^^ate^' is added to the 
name of the central atom. A few examples will make this clear. 
Salt (2) (see p. 17) is called chloro-pentammine cobaltichloride; 
salt (3) dichlor-tetrammine cobaltichloride; salt (4) trinitro- 
triammine cobalt; salt (5) potassium tetranitro-diammine cobal- 
tiate. [PtCl 6 ]K 2 is called potassium hexachloro-platinate and 
[Fe(CN)6]Ks is potassium hexacyano ferriate. 

Hydrates. It is remarkable that so many of the inorganic 
hydrated salts contain 6 H 2 O. This is easily explained from the 
standpoint of Werner^s coordination theory. For 

CoCl 2 (H 20)6 becomes [Co(OH 2 ) 6 ]Cl 2 
Zn(N 08 ) 2 (H 20)6 becomes [Zn( 0 H 2 ) 6 ](N 03)2 
AlCl3(H20)6 becomes [Al(OH2)6]Cl3 

The coordination theory has proved very useful in explaining 
the existence of the three isomeric forms of CrCl3(H20)6. For it is 
evident that three possible formulas can be assigned to this compound, 
each of which should be ionizable. They are: 

[Cr(OH2)6]Cl3, [Cr(OH2)5Cl]Cl2(H20), [Cr(OH2)4Cl2]Cl(H20)2 

One of them, which is violet in color, yields all its chlorine on treat¬ 
ment with AgNOs, and its molar conductance at a dilution of 1000 
liters shows it to be a quaternary electrolyte yielding 4 ions. It 
therefore has the constitution shown in the first formula. A second 
chromium chloride, which is green in color, yields only two-thirds 
of its total chlorine when treated with silver nitrate. It has therefore 
the constitution shown in the second formula. From the third chro¬ 
mium' chloride only one-third of the total chlorine may be precipitated 
by AgNOa. It therefore has the constitution represented in the third 
formula above. 

The question naturally arises, how can we account, by the theory 
of coordination, for the comparatively large number of inorganic 
salts crystallizing with 7 or more molecules of water, such, for 
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example, as ZnS 04 (H 20 ) 7 , MgS 04 (H 20 ) 7 , K41(S04)2(H20)i2. Ex¬ 
periment shows that when salts containing 7 H 2 O are heated, the 
last molecule of water is more difficult to drive off than the other 
six, indicating that one of the molecules of H 2 O is linked to the SO4. 
The formula for MgS04(H20)7 is therefore [Mg( 0 H 2 ) 6 ]S 04 (H 20 j. 
In the case of alum it is assumed that the water molecules exist 
in the polymerized form H 4 O 2 and that each of the polymerized 
molecules is coordinated with the central atom. Accordingly, the 
constitutional formula for alum is [A 1 (H 402 ) 6 ](S 04 ) 2 K. 

Explanation of Coordinated Compounds in Terms of Electronic 
Theory. The coordination theory was of vast importance not only 
in classifying and explaining the structure of a large number of 
compounds, but in pointing the way to the preparation of a great 
variety of new substances. It possessed, however, one weakness; 
it lacked an adequate theoretical basis for the distinction that 
was made between principal and auxiliary valence. With the 
advent of the electronic theory, this difference at once became 
tenable, for the bond by which the central atom held a number of 
radicals in the complex was none other than one of covalence, more 
precisely dative covalence; while that by which the central atom 
was linked to the atom or group outside the complex was one 
of electrovalence. Thus in the cobaltamine [Co(NH 3 ) 6 ]Cl 3 , the 
cobalt atom has a covalence of 6 and an electro valence of 3. In 
other words, the coordination number of Werner is identical with 
the covalence of the central atom. 

We have seen that in the ammonia molecule, the nitrogen atom 
has a lone pair of electrons (see p. 8). Each of the six NH3 
molecules can therefore donate two electrons to the central co¬ 
balt atom, forming in this way a dative covalent link or, as it some¬ 
times is called, a link of coordinate valence. 

From the standpoint of the electronic theory, combination be¬ 
tween the cobaltic ion and ammonia takes place because the co- 
baltic ion can build up a still further shell of 12 electrons. The 
cobalt atom (2, 8,14, 3) yields the cobaltic ion by loss of 3 electrons 
and hence has the structure (2, 8, 14). Now by sharing 12 addi- 
tiongS electrons (2 from each molecule of NH3), the cobalt ion in 
the complex would have the structure (2, 8, 14, 12) containing 
a total of 36 electrons. This is a stable number of electrons 
since it is identical with that of the inert gas krypton. Examining 
the formulas of a number of complexes, we find that the total 
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number of planetary electrons in the central atom is either the 
same as, or approaches that of, the next inert gas. It should be 
pointed out, however, that in many cases, though the number is 
the same, the grouping is different. Thus the electronic grouping 
for krypton is (2, 8,18, 8) while that of the cobaltic ion in cobalt- 
amine is probably (2, 8, 14, 12). 

On the basis of the electronic theory, we can also explain the 
change in the valence of the complex when a neutral molecule or 
radical in the complex is replaced by a negative ion such as Cl~, 
CN” or N02“. Suppose that in the cobaltammine [Co(NH 3 ) 6 ]Cl 3 , 
one NHs is removed; it will carry with it the pair of electrons with 
which it was coordinately united with the cobalt atom. The latter 
will, therefore, be unsaturated in the sense that it will be capable 
of accepting 2 electrons from some other group. Now the chloride 
ion, Cl“, has 4 pairs of electrons, one of which would be sufficient 
to enable it to combine coordinately with the cobalt atom. The 
resulting complex [Co(NH 3 ) 6 Cl]Cl 2 would, however, have lost one 
plus charge due to neutralization by the n(igatively charged chlorido 
ion. In a similar manner it can be shown that if another molecuio 
of NHs is replaced by Cl“, the resulting complex will have the 
formula [Co (NH 3 ) 401 * 2 ]Cl in which the complex is a cation carrying 
a unit positive charge. The reader will note that the coordina¬ 
tion number of cobalt docs not change during these replacements 
and is always 6. 

Cadmium forms an ammonia complex of the formula 
[Cd(NH 3 ) 4 ]'^"^ and a chloride complex, [CdCU]””. In both, the 
cadmium atom has a coordination number of 4 or a covalence of 4. 
Experiment shows that these complexes carry the charges indi¬ 
cated in the above formulas. The number of electrons in the 
central atom is made up as follows: 46 for the cadmium ion, and S 
for the 4 molecules of NH3, giving a total of 54. This is the number 
of electrons in the nearest inert element Xe. If now we replace the 
4 NH3 groups by 4 Cl", we should get the complex [CdCU]^. 
That the complex has two negative charges is easily understood^ 
since — 2 is the net charge of a combination of + 2 and — 4 ; 
or Cd++ + 4 Cl" [CdCU] ^ 

Hydrated Ions. In the complex [Cu(NH 3 ) 4 ]“^^ we can replace 
NHa by H 2 O, yielding the complex [Cu(H20)4]^'^; the latter is 
probably the formula for the hydrated cupric ion. Sinnilarlgr 
(Ni(H 20 ) 6 ]'^^ can be formed from the corresponding NHa couaprex 
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and hence represents the structure of the hydrated nickel ion 
These hydrated ions are therefore coordinated complexes. 

Chelated Compounds. Various amines can replace NHs in 
the complexes we have considered. Thus othylenediamine, whose 
formula is NHj • CH 2 • CH 2 • NH 2 , possesses two nitrogen atoms. 
Each of these can supply a lone pair of electrons and hence one 
molecule of amine can take the place of two molecules of NH 3 in 
the complex. The structure of the resulting compound may be 
r(?presented as follows: 

NH 2 —CH 2 

I 

NH2—CH2 

in which a ring compound of considerable stability is formed. 
Such compounds are called chelate compounds (from the Greek 
word for claws). It will be observed that the group is attached 
to the cobalt atom at two points. Another example of a chelate 
compound is nickel dimethylglyoxirae. 
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ACIDS AND BASES 

An acid was formerly defined as a substance which dissociates 
hydrogen ions in water solution, and a base a compound which in 
aqueous solution dissociates hydroxyl ions. The terms acid and 
base were restricted to electrically neutral substances; but did 
not include ions such as HS 04 ~" and HP 04 ‘". Moreover, these 
terms were limited in their application to water solutions. The 
modern definitions of. acids and bases are not only more compre¬ 
hensive in that, they include a larger class of substances which 
properly should be considered as acids, but the terms acid and base 
are so defined that they are equally applicable to reactions taking 
place in solvents other than water.* As we shall see, the new 
definitions of acid and base supply a more convincing explanation 
of the action of water on anhydrous acids as well as on the salts 
of weak acids and bases. 

♦ This theory of acids and bases was first proposed by Br5nsted and Lowry. 
See Brbnsted, CAm. liev. S, 231 (1928). 
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An acid may be defined as a substance which can yield hydrogen 
ions or protons; a base is a compound which can take up protons. 
An acid and base arc therefore related by the following equation: 

Acid = Base + H"*" 

According to these definitions, an acid may be (1) an uncharged 
molecule such as HCl, HNO3, H2SO4, HC2H3O2, HoO ; (2) an anion 
such as HCOa"", H 2 r 04 ~, HS 04 ~; (3) a cation, e.g., NH4^, 

[Al(H 20 ) 6 r++ [Cu(H 20 ) 4 ]++ [Hg(H 20 ) 4 ]^^ H 3 O+. A word of 
explanation may be necessary with reference to the last four ex¬ 
amples. All are hydrated ions. There is abundant experimental 
evidence for believing that the bare proton, the cannot exist 
alone in solution. Hydrogen ion being a bare nucleus should differ 
radically in its behavior from other ions. This is not the case. 
When water acts as a base, as it does in all aqueous solutions of 
acids, the aquo complex H(H 20 )'^ or known as the oxonium 

ioUy is formed. 

+ H2O ^ H3O+ 

The oxonium ion, HaO*^, is similar to NH 4 '^; the former is a water 
complex of H+, the latter an ammonia complex of the same ion. 

+ NH3 ^ NH4+ 

The dissociation of an acid to yield is conditioned by th^^presence 
of a base, i.e., a substance capable of accepting the liberated 
These definitions are applicable to solutions other than those of 
water. Thus in alcohol we have 

HCl + C 2 H 5 OH ^ (C2H50H2)+ + Cl- 

Both oxonium and ammonium ions are electronically formed in 
the same way. In each case it is a lone pair of electrons presc^nt 
in the oxygen c r nitrogen atom which forms a coordinate covalent 
bond with the H"^ which can accept them. 

There are good reasons for believing that all ions are hydrated 
and that the aluminum ion is a coordinated complex of the formula 
[A1(H20)6]‘^'^'^. That the aqueous solution of aluminum ion is 
acid * is due to its acid character, according to which it can give 
up protons; thus 

[A1(H20)6]+++ [A1(H20)5(0H)]++ + H+ 

* The ionization constant for the hexa-aquoalumlnum ion has been measured and 
found to be 1.3 X 10"^ 
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As pointed out above, the is not liberated as such but imme¬ 
diately forms H 3 O+ with the water present. The ions of many of 
the heavy metals behave similarly as acids. 

A base according to the modern viewpoint may be (1) an 
electrically neutral substance like NH 3 ; ( 2 ) an anion such as OH*', 
C 2 H 302 '", HCOs"; (3) a cation as [A 1 (H 20 )b( 0 H)]++, [Ag(NH 3 ) 2 ]'^. 
We should also include in this list metallic hydroxides, metallic 
oxides and carbonates. Some substances can function both as 
acids and bases and are called ampholytes. Thus H 2 O, HCOa"" and 
H 2 P 04 “ are examples. 

It will be of interest to examine from a modern viewpoint the 
mechanism of the reaction which takes place when strong and 
weak acids are dissolved in water. We shall first consider HCl. 
This substance in the pure liquid or gaseous state does not conduct 
the electric current; it boils at a low temperature and is soluble in 
non-polar solvents like benzene. In fact it possesses all the 
properties of a covalent compound. Its structure is therefore 
represented by H: Cl:, showing that there is a sharing of electrons 
between the H and Cl. Now whim this gas is treated with water, 
the resulting solution is found to be an excellent conductor. Hence 
the solution must contain many ions. Evidently the water has 
reacted with the HCl to form oxonium and chloride ions. The 
reaction may be represented as follows: 

HCl + H 2 O ^ H 3 O+ + Cl~ 

ConsidfTable heat is evolved. The reaction goes practically 
entirely towards the right, showing that the ability of water to 
combine with H"^ is immeasurably greatt^r than the tendency for 
Cl~ to unite with H'^. In other words, water is a far stronger 
base than Cl“. On the other hand when acetic acid is dissolved in 
water, we find that the resulting solution has a low concentration 
of HaO^ and C 2 H 302 “. The reaction 

HC2H3O2 + H2O ^ H3O+ + C2H3O2- 

goes only slightly to the right. Evidently in this case the C 2 H 302 “’ 
holds the H"^ more firmly than does Cl"". In other words C 2 H 302 ‘~ 
is a stronger base than Cl“, and hence the reaction does not go very 
far to the right. The ionization of an acid is thus seen to depend 
not only upon the dielectric constant of the solvent, but also upon 
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the readiness with which the solvent can take up protons as com¬ 
pared with that of the anion of the acid. 

An acid like HCl which gives up H+ readily to the solvent and 
yields a solution with a high concentration of H 3 O+ is called a 
strong acid. Acetic acid is a weak acid since it gives up less 
readily and hence yields a solution having a relatively low concen¬ 
tration of H3O+. 

From the definition of an acid it follows that every acid (^an 
yield a base by loss of a proton. Acid and base so related are 
called corresponding or conjugate acid and base. 

If the acid is strong, i.e., if it ionizes to a considerable extent, then 
the conjugate base must be weak. E.g., HCl is a strong acid. In its 
aqueous solution there will be little tendency for Cl“ to unite with ; 
hence the base is weak. On the other hand, HC2H3O2 is a weak acid. 
Its aqueous solution contains a low concentration of the base 0211302 ” 
because the latter exhibits a strong tendency to unite with Hence 

the conjugate base of acetic acid is strong. 

In the following table are listed a number of pairs of conjugated 
acids and bases: 


Acid 


Conjugate Base 

Hydrochloric acid, 

HCl 

Chloride ion, 

CD 

Oxonium ion, 

H 3 O+ 

Water, 

H 2 O 

Hydrogen sulphide, 

H 2 S 

Bisulphide ion. 

HS- 

Water, 

H 2 O 

Hydroxyl ion, 

OH- 


The reaction between acids and bases can therefore be represented 
by the general equation 

Acidi + Base 2 ^ Acid 2 + Basei 

in which the conjugate acid and base are designated by the same 
subscript; thus 

HC1 + H 20 ^H 30 + + C1- 
HC2H3O2 + NH3 NH4+ + C2H3O2- 
HCl + C2H5OH C2H5OH2+ + CD 

The last equation shows that alcohol can function as a base, yield¬ 
ing the corresponding acid C 2 H 60 H 2 ’’". 

The new theory of acids and bases supplies a better explanation 
of hydrolysis. For the reaction may be regarded as being due to 
the fact that water is an ampholyte capable of dissociating or 
associating protons. From this viewpoint an aqueous solution of 
a salt is acid or alkaline because it contains an ion that is either an 
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acid or a base. Thus NaC 2 H 302 solution is basic because CaHaOs'^ 
is a base, and NH4CI yields an acid solution because NH4'^ is an 
acid. When a solution contains an ion such as HCOa" or H 2 PO 4 - 
which is capable of acting either as an acid or base, then the reaction 
of the solution will depend upon the relative strengths of the acid 
and base concerned. Finally, if the salt supplies two ions, one an 
acid and the other a base, such as NH4C2H3O2, then again the 
reaction of the solution will depend upon the relative strengths of 
the acid and base. 

SALTS 

By means of the methods of X-ray analysis devised by W. W. 
and W. L. Bragg, considerable light has been thrown on the struc¬ 
ture of solid substances. The solid elements like sulphur and 
carbon and the metals consist of uncharged atoms arranged accord¬ 
ing to some definite pattern. Crystals of organic compounds such 
as sugar, urea and iodoform consist of molecules which in turn are 
composed of uncharged atoms. 

In sharp (contrast with the above substances, the results of X-ray 
analysis reveal that the great group of compounds known as salts 

as well as many oxides are com¬ 
posed of ions arranged in some defi¬ 
nite order that is characteristic of the 
substance. Thus sodium chloride is 
composed of Na"^ and Cl“ arranged 
in a cubic lattice. The arrangement 
is represented in Fig. 3. It must be 
remembered that the diagram repre¬ 
sents but a portion of the crystal and 
that the arrangement in the figure 
must be continued frontward, back¬ 
ward, on each side as well as on the 
top and bottom. With the diagram 
thus extended, it at once becomes apparent that each 01 “ is 
surrounded by 6 Na+ and vice versa. Similarly, CaCOs has been 
shown to be made up of a lattice, not of molecules of CaCOs, 
but of individual ions of Ca++ and COs”. Like the sodium 
chloride crystal, each Ca^*^ is surrounded by 6 CO 3 ” and each 
CO 3 " by 6 Ca'^+. Since the carbonate ion is triangular in shape, 
its effect is to distort what would otherwise be a cubic into a rho- 
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bohodrsl lattice* Similarly, ammoniiim chloride has been found to 
consist of a lattice of somewhat different type than that of NaCl, 
for each NH 4 ^ is surrounded by 8 CI~ and each Cl~ by 8 NH 4 +! 
What is true of NaCl, NH4CI and CaCOg is true of all salts. 

The solid NaCl does not conduct the electric current, despite the 
fact that it is composed of ions; this is because the ions are fixed 
in the lattice and are not free to move. If freedom of motion is 
imparted to the ions by melting the crystal or by dissolving it in 
water, it will be found that the resulting mcilt and solution conduct 
the current. The sodium chloride molecuk^ represented by NaCl, 
exists only in the state of vapor. In the solid, melted or dissolved 
condition, we have only the ions. Instead of employing the term 
molecule or mole for salts in the solid state, it would be more con¬ 
sistent with the facts, to use the term formula weight. It is, how¬ 
ever, conventional to consider the mole of a salt as the simplest 
formula of the compound. 

The crystals of covalent compounds like sugar are made up of 
molecules, and the latter in turn are composed of atoms held to¬ 
gether by a sharing of electrons. When the crystals arc treated 
with water, it is the molecules which go into solution. The solution 



Solid Water Solution 

Fig. 4. Process of Solution of Salt in Water 
(From Hildebrand, Principlefi of Chemistry) 


of a true salt (an electrovalent compound) in water presents a 
totally different picture. For the solid salt is made up, not of 
molecules, but of oppositely charged ions held together in a lattice 
by electrostatic attraction. It has already been pointed out that 
the water molecule is an electrical dipole (see p. 14). Hence 
when the water molecules come in contact with the salt, the ions on 
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the surface of the latter will be attracted by the oppositely charged 
ends of the dipole water molecule (see Fig. 4). The effect of these 
attractions will be to reduce the force between the ionic components 
of tiie crystal; as a consequence, the charged atoms will detach 
thems(4ves from the crystal and go into solution as hydrated ions. 
Covalent anhydrous acids like HCl, HNOs, HCIO4 combine with 
water with the formation of and the anion Cl~ NOs"" and 

C 104 “ The hypothetical H3OCI is thus a salt. In fact in the 
case of perchloric acid, H3OCIO4 has been prepared. In the solid 
«tate this substance is a salt and consists of an ionic lattice of HaO'^ 
and CIO 4“. 

The high solvent effect of water on electro valent compounds, 
i.c., its ability to dissociate the ions of a salt, is due to its high insu¬ 
lating power or dielectric constant. From the table of dielectric 
constants, it becomes clear why water is such a good dissociating 
agent and why alcohol and ammonia possess this property to a 
l(‘sscr degree. 

Dielectric Constant 


Water.80 

Alcohol.25 

Acetic acid.21.3 

Liquid ammonia.16 

Carbon disulphide .... 2.6 

Benzene.2.3 


Summary. Salts and salt-like substances such as metallic oxides 
or hydroxides in the solid state are aggregates of charged ions held 
together by electrostatic attraction. The ions are arranged in a 
lattice according to some definite pattern and have no freedom of 
motion. By melting the crystal or by treating it with an appro¬ 
priate solvent, the electrostatic attraction between the ions may 
be reduced, the lattice destroyed and the ions given their freedom 
of motion. 
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CHEMICAL EQUATIONS 

Valence * of Elements, Radicals and Ions. To write a chemical 
equation it is necessary to know the formulas of the substances 
which are brought together, as well as those which are produced 
as a result of the reaction. With this knowledge we can write the 
skeleton or incomplete equation. The next step is to balance the 
equation. This operation consists in selecting coefficients which 
will make the number and kind of atoms on each side of the equa¬ 
tion the same. In balancing an equation by the valence-change 
method, it is essential to know the valence of all the elements or 
radicals which enter into it. This information is easily deduced 
from the formulas if one remembers that 

(1) the valence of the free or uncombined element is zero; 

(2) the valence of hydrogen with few exceptions is uniformly 

+ I; 

(3) the valencje of oxygen with few exceptions is always — 2; 

(4) the algebraic sum of the valences (+ and —) of the elements 
forming a compound is always zero. 

* The term valence, as here used, is a number representing the combining power 
of the atoms or radicals. The number is not determined by reference to the theory 
of atomic structure, but deduced, as explained later, from the non-structural 
iormulas of compounds. 
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A few examples will make this clear. Ammonia has the formula 
NHs. Since Hs represents a total valence of + 3, the valence of 
nitrogen must be — 3 in order that the algebraic sum of the 
valences of all the elements in the compound shall be zero. In 
NH4CI, H4 = + 4 and Cl = — 1; hence the valence of nitrogen 
must be — 3. On the other hand in HNO3, since O3 = — 6 and 
H — + 1, the nitrogen must have a valence of + 5. What is the 
valence of Mn in KMn04? Since O4 = — 8 and K = + 1, the 
Mn must possess a valence of + 7. The valence of Cr in K2Cr207 
is found in a similar manner: for K2 = + 2, O7 = ■— 14 and hence 
Cr2 — + 12 and Cr == -h 6. 

The valence of a radical is easily deduced in a similar manner 
from the formulas of a number of common substances (containing 
that radical. Thus the valence of the NO 3 radical is easily asc(cr- 
tained by considering either HNO3 or KNO3. Since combined 
H and K have each a valence of + 1 , it follows that the NO3 radical 
has a valence of — 1. Similarly we find the valence of the SO4 
radical to be — 2 and PO4, — 3. What is the valence of the 
Fe(CN )6 radical in K 4 Fe(CN) 6 ? Since K 4 represents a total 
valence of + 4, the Fe(CN)6 radical must have a valence of — 4. 
In the same way, an examination of the formula KCNS will show 
the CNS radical to have a valence of — 1. 

The valence of an ion is shown by the charge which it carries; 
thus Cl“, NOa”", CNS” and Mn 04 “ each has a valence of — 1. The 
sulphate ion S 04 “ exhibits a valence of — 2 while the phosphate 
ion P 04 = possesses a valence of — 3. 

We can determine the valence of the elements constituting a 
complex ion by remembering that the algebraic sum of the valences 
of the elements forming that ion is (?qual to the total electrical 
charge of the ion. Thus to determine the valence of Mn in the 
ion Mn 04 “" we have 

Valence of Mn + total valence of O 4 = — 1 
or Valence of Mn — 8 = — 1 

hence Valence of Mn = + 7 

Again, suppose we wish to find the valence of S in SO 4 “. We have 
g g = _ 2 ; hence S = + 6 

Balancing Equations. There are two t 5 rpes of chemical reac¬ 
tions, viz., 1, those in which no valence changes are involved 
and 2, those in which such changes occur. 
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1. Equations for Reactions Involving No Changes in Valence. 

The following are typical examples; 

( 1 ) The precipitation of AgCl when dilute NaCl is added to 
AgNOa solution. ( 2 ) The precipitation of SnSa from a hydro¬ 
chloric acid .solution of SnCli. (3) The solution of Al(OH)s by 
dilute HCl. (4) The neutralization of NaOH by HCl solution. 
(5) The solution of PbS 04 in ammonium acetate solution. Those 
are all ionic reactions since in each, at least one ion plays an active 
part. Therefore, they should be written in ionii^ form as follows : 

(1) C1- +Ag+^AgCl 

(2) SnCle- + 2 RS ^ 81182 + 6 Cl" + 4 H+* 

(3) AI(0H)3 + 3 ^ A 1 +++ + 3 H 2 O 

(4) OH- + H+ ^ H 2 O 

(5) rb804 + 2 C 2 H 3 O 2 -' Pb(C2H302)2 + 80r 

From an examination of the above examples we can deduce 
the following rules for writing ionic equations. 

( 1 ) Since strong electrolytes are completely ionized, only the 
ion (cation or anion) taking part or resulting from the reaction 
should appear in the equation. Thus in equation ( 1 ) it is needless 
to include the Na"^ of the sodium chloride or the NO 3 - of the 
silver nitrate, since neither of these ions takes part in the reaction. 
If written on the left-hand side of the equation, they would also 
appear unchanged on the right and hence would cancel out. In 
equation ( 2 ), [SnCU]” is written insb^ad of SnCU or Sn+'*"^’*’ 
because in a hydrochloric acid solution of SnCU, the tin exists 
largely, if not entirely, as SnCU'". For a similar reason in writing 
the corresponding equation for the action of H 2 S on a hydro¬ 
chloric acid solution of SbCU we should designate the antimony 
not by SbCU or Sb+“^+ but by [SbCU,]-. 

( 2 ) Substances which ionize very little as H 2 O, H 2 S, Pb(C 2 H 302)2 
or compounds which are only slightly soluble as AgCl, 81182 
A 1 ( 0 H) 3 , PbS 04 and hence yield a very low concentration of the 
ions, are written in the undissociated or molecular form because it 
is in this condition that the greater portion of such substances exists. 

(3) The equation must be balanced not only from the stand¬ 
point of the number and kind of atoms, but also electrically, i.e., 

♦ As previously explained (p. 23), the hydrogen ion in aqueous solution is always 
hydrated and existe as oxonium ion, For the sake of simplicity, we shall 

employ the unhydrated form in all chemical equations. 
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the net electric charge on each side must be the same. Thus in 

(1) and (4) the net charge on each side is zero. In (2) and (5) 
it is — 2, while in (3) it is + 3. 

If for purposes of calculation we should desire the molecular 
equation, it can be readily derived from the ionic equation. Thus 
in equation ( 1 ), we need only supply the missing ions Na"^ and 
NO 3 "" in order to get the corresponding molecules. In equation 

(2) , SnCle"^ is the anion of the complex acid H 2 SnCl 6 formed by the 
union of 2 HCl and SnCU. For SnCU” we can substitute either 
H 2 SnCl 6 or SnCb + 2 HCl and so obtain readily the corresponding 
molecular equation, although the latter does not conform strictly 
to the facts. In equation (3), 3 correspond to 3 HCl and the 
latter would give AICI3 on the right. Equation (4) is easily con¬ 
verted into molecular form by supplying the Na+ and Cl"", giving 
respectively NaOH and HCl and yielding H 2 O and NaCl. To 
change (5) into molecular form, we need only remember that 
2 C 2 H 3 O 2 "” are derived from 2 NH 4 C 2 H 3 O 2 , while the S 04 “ on the 
right is equivalent to (NH 4 ) 2 S 04 . 

2. Equations for Reactions Involving Changes of Valence. 
Reactions in which changes of valence occur arc known as oxida¬ 
tion-reduction or in brief redox * reactions. The change is one of 
oxidation when the valence of an element, radical or ion is alge¬ 
braically increased. Reduction is the reverse process. But an 
algebraic increase in valence is equivalent to a loss of electrons 
while an algebraic decrease in valence is a gain of electrons. This 
is shown below: 

Oxidation: Fe"^^+ —> Fe^*^"^ + 1 c, Fe(CN)6“'"" Fe(CN)6“ + 1 c 
Reduction: Fe-+^"+ + 1 cFe++, Fe(CN)6“- +le-^ Fe(CN)6“" 

Oxidation may therefore be defined as a chemical change in which 
electrons are lost, while reduction, the converse process, is one in 
which electrons are gained. We cannot have oxidation without 
reduction since electrons cannot be lost unless there is present a 
substance capable of taking them up. We may therefore define 
redoxion as a chemical change in which changes of valence occur or 
in which there is a transfer of electrons. In the balanced redox 
equation the total number of electrons lost by one atom or ion 
must be equal to the total number of electrons gained by some 
other atom or ion. 

* Redox is an abbreviation of the words redtictum and oxidation. 
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There are two types of reactions involving valence changes, 
viz., (1) molecular or non-ionic reactions; and (2) ionic reactions. 
The equations for the former are balanced by the valence-change 
method, while those of the latter are balanced by the ion-electron 
method. 

1. The Valence-Change Method. This method is strictly ap¬ 
plicable only to those reactions which are of a molecular or non¬ 
ionic nature. The method may be applied to ionic reax^tions, 
particularly in cases where the complete molecular equation is 
desired. In carrying out this method, determine 

(1) The numerical change in valence which some element in 
the oxidant undergoes. 

(2) Do the same for some element in the reductant. 

(3) Multiply each by such numbers as will make the total 
change of valence of these elements equal. 

(4) By inspection, supply the proper coefficients for the com¬ 
pounds which are not oxidized or reduced.* 

To illustrate the above rules, let us take a typical molecular 
oxidation-reduction reaction such as the oxidation of carbon by 
melted KNO3. We have for the skeleton equation 

KNO3 " 4 “ C —> KNO2 4 “ CO 2 Incomplete 

Examination of this equation shows that nitrogen and carbon 
undergo valence changes. These may be represented as follows: 

]Sj+5 2e; C —> 0+^, loss 4 c t 

In order that the gain and loss of electrons shall be equal, we must 
take 2 atoms of nitrogen to one of carbon. In other words (rule 
(3) above), we must multiply N"^^’ by 2 and C by 1. These 
numbers 2 and 1 become respectively the coefficients of KNO3 

* The valence-change method is based on the changes in valence which atoms 
undergo during oxidation-reduction reactions. These changes in valence are 
deduced, as has been already pointed out, from an examination of the formulas of 
the initial and final compounds containing the atoms undergoing valence changes. 
Since in the new compounds fijrmed, the algebraic sum of the positive and negative 
valences must be equal to zero, it follows that the total loss in valence of an element 
must be compensated by a corresponding gain in valence of some other element. 
The method is thus entirely free from hypothesis and so far as its application is 
concerned, the valence or valence-number may bo regarded as a mathematical 
quantity. 

f It is now customary to regard valence changes as being due to a loss or gain 
of electrons and hence in the above examples, the decrease in the valence of nitrogen 
from 4- 5 to + 3 was represented as being due to a gain of 2 electrons while the 
increase in the valence of carbon from 0 to + 4 was considered as due to a loss 
of 4 electrons. 
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and C; they are also respectively the coefficients of KNOj and 
CO 2 , the reduction and oxidation products of the reaction. The 
complete equation therefore becomes 

2 KNO3 + C -> 2 KNO2 + CO2 

2. The Ion-Electron Method. Since nearly all the reactions 
which we have to deal with in qualitative analysis take place 
between electrolytes in water solution, it would seem only proper 
that the equations for these reactions should be written in ionic 
form. In balancing an oxidation-reduction equation by the ion- 
electron method, it is convenient to resolve the equation into two 
completely balanced partial equations; one showing the oxidation 
of the reductant and the other indicating the reduction of the 
oxidant. As an illustration of this method, we shall consider the 
oxidation of FeS 04 by KMn 04 in dilute sulphuric acid solution. 
The partial equation showing the reduction of KMn 04 is developed 
as follows: First we write on opposite sides of the arrow the 
formulas of the ions before and after the reaction; thus: 

Mn04- Mn++ 

The above equation is not balanced from the standpoint of the 
number and kind of atoms; for we have 4 0^s on the left and 
none on the right. Nor is the equation balanced electrically, 
since on one side we have a minus charge and on the other 2 
positive charges. It is necessary first to balance the equation 
atomically. In this connection^ it is well to keep in mind the fact that 
ionic reactions take place generally in solution and that the latter may 
he neutral, acid or alkaline. Hence H 2 O, and OH~^ are always 
available and can he employed in balancing ionic partial equations. 

Since this reaction takes place in acid solution, we can balance 
it atomically by adding to the left-hand side just sufficient hydro¬ 
gen ions to unite with the 4 O^s to form water. For this purpose 
we need 8 H"*“. Hence the equation becomes: 

Mn 04 -- + 8 H+ Mn++ + 4 H 2 O Incomplete 

The equation is now balanced so far as the atoms are concerned: 
but since it is an ionic equation, it must also be balanced elec¬ 
trically. This may easily be done as follows: The charges on the 
left are + 8 and — 1, or a net charge of + 7, while the charge on 
the right is + 2. To equalize the charges on both sides, we must 
add 5 electrons (i.e., 5 negative charges) to the left side. Hence 
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the complete partial equation showing the reduction of the Mn 04 
ion in aeid solution is : 

MnOr + 8 H+ + 5 c Mn++ + 4 H 2 O (1) 

In the same way we write the partial ionic equation expressing the 
oxidation of ferrous to ferric ion. 

Fe-+-+ Fe-+-++ 

The equation is balanced atomically but not electrically. The 

net charge on the left is + 2 and that on the right is + 8. To 

equalize the charges, we must add one electron to the right. 
Hence the complete ionic equation becomes: 

Fe++ ^ Fe++’^ + le (2) 

Since the gain and loss of electrons must be equal, we next 
multiply the partial equations by such numbers as will make the 
number of electrons in each the same. In this case, we multiply 
equation (2) by 5. Next we add the two partial equations, can¬ 
celling out the electrons. 

MnOr + 8 H+ + 5 e Mn++ + 4 H 2 O 

5 X_ Fe-^+ Fe^-^-^ + 1 e _ 

MnOr + 5 Fe++ + 8 H+ Mn-+*+ + 5 Fe+++ + 4 H 2 O 

After adding the two partials, it may be necessary to simplify the 
resultant equation by combining similar terms appearing on the 
same side of the equation or by cancelling equal quantities of 
similar terms appearing on opposite sides. 

The advantages of the ion-electron method are: 

(1) The final equation gives only the substances which react 
and are formed in the redox reaction. 

(2) The influence of the oxonium-ion concentration, while not 
apparent in the valence-change method, is clearly emphasized in 
this method. 

(3) The method is free from hypotheses regarding the distribu¬ 
tion of the valence bonds among the individual atoms constituting 
the oxidant and reductant. It is not heptavalent manganese, 
Mn+^, which is the oxidant, but the Mn 04 ion whose concentra¬ 
tion may be experimentally determined and controlled. 

(4) The partial equations are not imaginary. They represent 
reactions which actually take place when the solutions of the 

♦See Jette, Omdation^Reditctian Reactions, The Century Co. (1927), pp. 39-40. 
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oxidant and reductant are contained in different vessels and sup¬ 
plied with inert electrodes. On connecting the solutions inter¬ 
nally by a salt bridge and the electrodes by an external wire, 
electrons will flow from the half-cell containing the Fe+'+' (the 
reductant) to that containing the Mn 04 “' (the oxidant). The 
latter will be reduced to Mn'^'*' while the former will be simultane¬ 
ously oxidized to Fe+++. The partial equations, therefore, have 
an experimental basis. 

(5) The method, as will be shown in this book, is applicable to 
all ionic reactions taking place in aqueous solution. 

From the ionic equation, the molecular equation may be written. 
In the example above we shall assume that the reaction takes place 
in sulphuric acid solution between FeS 04 and KMn 04 , yielding 
MnS 04 , KHSO4 (since the H2SO4 is present in excess), Fe 2 (S 04)3 
and H2O. Since 10 Fe^*^ are required to form 5 Fe 2 (S 04 ) 3 , it will 
be necessary to double the entire equation, giving 

2 KMn 04 + 10 FeS04 + 16 H+ 

?:± 2 MnS04 + 2KHSO4 + 5Fe2(S04)3 + 8H2O 

On the right we have a total of 19 SO4 while on the left there are 
only 10. Hence 9 H2SO4 are required and the final molecular 
equation becomes 

2 KMn04 + 10 FeS04 + 9 H2SO4 

4 =^ 2 MnS04 + 2 KHSO4 + 5 Fe2(S04)3 + 8 H2O 

SOLUTIONS 

Since the great majority of reactions in qualitative analysis take 
place in aqueous solution, a knowledge of the laws and principles 
governing the behavior of solutions is indispensable. 

If a given volume of water is mixed with an excess of salt, some 
of the latter will dissolve until the solution reaches a maximum 
concentration for a definite temperature. The amount of salt 
which goes into solution is independent of the quantity which is 
brought in contact with the solvent, provided, of course, we start 
with an excess. The quantity of salt which dissolves does vary, 
however, with the temperature. The solution so obtained is called 
a saturated solution and may be defined as a solution which is in 
equilibrium with an excess of the undissolved^solute. The ratio of 
the quantities of solute and solvent in a saturated solution for a 
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stated temperature is cp,lled the solubility of the substance. It is 
customary to express the solubility as the weight in grams of the 
solute which will dissolve in 100 g. of the solvent at a given tem¬ 
perature. Thus the solubility of KNO 3 at 20° is 31.2 g. 

A saturated solution may be prepared by one of two general methods. 
(1) An excess of the solute preferably in the powdered condition is 
shaken with a definite quantity of the solvent at a definite temperature 
until equilibrium is reached. (2) An excess of the solute is heated with 
a given volume of the solvent to a temperature higher than that at 
which saturation is desired and the mixture cooled in contact with the 
solute to the desired temperature. 

If the hot saturated solution is filtered so as to remove every 
trace of the undissolved solute, and the filtrate is carefully cooled, 
it is possible to prevent the separation of the solute from the 
solution. Such a solution is called supersaturated since it contains 
a larger proportion of the solute than is present in a saturated 
solution. When a solution possesses a lower concentration than 
that of a saturated solution it is called unsaturated. A solution 
which is not in contact with the solute may be either unsaturated 
or supersaturated. The state of the solution may be readily 
determined by adding to it a few" crystals of the solute. If the 
latter dissolves, the solution was unsaturated; if a precipitate 
forms, it was supersaturated. 

The solubility of a substance may be experimentally determined 
as follows: A weighed quantity of the saturated solution is evapo¬ 
rated to dryness in a dish whose weight has been previously de¬ 
termined. After thoroughly drying the residue, the dish and 
contents are accurately weighed. The increase in the weight of 
the dish gives the weight of the solute. If the latter is subtracted 
from the weight of the solution taken, the difference will be the 
W"eight of the solvent. From these data, the solubility may be 
readily calculated.* The solubility of sparingly soluble electro¬ 
lytes is indirectV determined either by measuring the electrical 
conductance of the saturated solution,! or by determining the 
E.M.F. of a concentration cell in which one of the half cells con¬ 
tains a saturated solution of the electrolyte. 

Influence of Temperature on Solubility. With few exceptions 
the solubility of a solid substance increases with rising temperature. 

♦For detailed manipulations see Findlay, Practical Physical Chemistry, Long* 
mans, Green and Co., 1932, p. 279. 

t Findlay, loc, cU., p. 180 and p. 212. 
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Potassium nitrate and lead nitrate are.t 3 rpical cases. Certain 
substances, however, dissolve to a smaller extent as the tempera¬ 
ture is increased; e.g., Li2S04, Ca(OH )2 and CaS04 above 40®, 



By plotting the temperatures as abscissae and the concentrations 
as ordinates, a curve Is obtained which gives a convenient expres¬ 
sion of the solubility of a given substance at different temperatures. 
Figure 5 shows the solubility curves of a number of substances. 
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The solubility curve for sodium chloride shows that its solubility 
is practically independent of the temperature. The solubility of 
CaS 04 is interesting in that it first rises to a maximum (at 40°) 
and then decreases. It will be noted that breaks occur in the 
solubility curves of calcium chloride and sodium sulphate. These 
points, called transition points, denote the temperature at which 
the two phases of a given substance have the same solubility and 
hence are in equilibrium with each other. 

The Le Chatelier Principle may be stated as follows: If to a 
system at equilibrium some stress is applied, a change will take 
place tending to diminish or annul the effect of the stress. The 
word stress is used in a broad sense to include a change in 
any one of the factors, viz., temperature, pressure and concentra¬ 
tion, conditioning the equilibrium of the system. The principle of 
Le Chatelier is one of the most important and useful generaliza¬ 
tions, since it is applicable to all systems at equilibrium whether 
they be physical or chemical. By its means we can predict, quali¬ 
tatively at least, the effect of changes of the different factors on 
the system. For example, if the temperature is raised and the 
other factors are kept constant, the equilibrium will shift in the 
direction in which the absorption of heat occurs. Now a saturated 
solution represents a system in equilibrium. If, therefore, we 
raise the temperature of a saturated solution (which of course 
must be in contac^t with an excess of the solute according to defini¬ 
tion), the conditions must change so as to absorb the heat. Hence 
if the substance is one which dissolves in water with the absorption 
of heat, more of the solute will dissolve. On the other hand, if the 
substance is one which in dissolving evolves heat, then on heating 
its saturated solution, some of the substance will precipitate. 
Hence a substance which dissolves with an absorption of heat is 
more soluble as the temperature is raised, while a substance whose 
solution is attended by an evolution of heat is less soluble at higher 
temperatures. 

Occasionally the solution of a substance is attended by a chemical 
change which may give off more heat than is absorbed in the actual 
process of solution. This is notably the case with sodium hy¬ 
droxide. If the solution of NaOH in water were an exothermic 
process, as we might at first suppose, its solubility should diminish 
with rising temperature. Since the opposite is the case, we infer 
that the solution of NaOH is an endothermic process. 
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The degree of solubility is expressed by such general terms as 
very soluble, soluble, slightly soluble and insoluble. 

SOLUTIONS OF ELECTROLYTES 

Electrolytes and Non-Electrolytes. Substances may be divided 
into two classes, depending upon whether or not their aqueous 
solutions conduct the electric current. To the first class belong 
the acids, bases and salts. They are called electrolytes. Examples 
of the second class are sugar, glycerol, alcohol and urea. They 
are called non-electrohjtes. 

Theory of Ionization. In 1887 the Swedish chemist, Svante 
Arrhenius, advanced the theory of ionization to account for the 
properties of aqueous solutions of electrolytes. He assumed that 
when acids, bases and salts are dissolved in water, they are broken 
up or dissociated into electrically charged radicals called ions. The 
extent of the dissociation varies with the dilution; the process 
was regarded as a reversible one and was represented as follows: 


HCl ^K+ + Cl- 

0 ) 

NaOH Na+ + OH" 

( 2 ) 

NaCI Na+ + Cl- 

(3) 

HC 2 H 3 O 2 H+ + CjHsO*- 

(4) 


Since the solution is electrically neutral, the sum of all the positive 
charges in the solution must be equal to the total number of nega¬ 
tive charges. The + sign which separates the ions in the above 
equation is intended to indicate that the ions are to be regarded 
as separate molecular species possessing characteristic physical 
and chemical properties. 

This theory, as we shall see, must be considerably modified to 
bring it in accord with recent discoveries. It is given here because 
it exerted a profound and useful influence on the science of chem¬ 
istry for a long period of time and because, with slight modification, 
it is still applicable to weak electrolytes. 

(1) The ionic theory of Arrhenius offered a satisfactory explana¬ 
tion of the fact that aqueous solutions of electrolytes conduct the 
current while those of non-electrolytes do not, since only the former 
contain ions. It also explained why, during electrolysis, the cations 
should migrate to the cathode and the anions to the anode. If 
dissociation increases with dilution as Arrhenius postulated, it 
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follows that the equivalent conductance should increase with the 
dilution until it reaches a maximum value. 

(2) The theory supplied a plausible explanation for the fact that 
aqueous solutions of electrolytes freeze lower and boil higlier than 
solutions of non-electrolytes of the same molar concentration. In 
aqueous solution, each molecule of an electrolyte is capable of 
yielding by dissociation at least two ions. And since an ion affects 
the constants of water to the same extent as an undissociated 
molecule, it follows that the freezing point depression of a dilute 
solution of NaCl should b(i nearly twice that of the normal. For a 
similar reason the fro('zing point depreasion of a dilute solution 
of ZnCLi should be nearly three times the normal. 

(3) Finally, the theory explained satisfactorily why solutions of 
electrolytes containing a common ion should respond to the same 
reaction. Since all metallic chlorides dissociate in aqueous solu¬ 
tion, yielding chloride ions, and since the latter act independently, 
it is clear v/hy they all yield a precipitate of AgCl when treated with 
a soluble silver salt. It also becomes clear, in the light of this 
theory, why silver ion does not yield a precij)itate with chloroform, 
CHCb, or in an aqueous solution of KCIO.}, since neither of the\se 
substances supplies chloride ion. 

Arrhenius pointed out that polybasic acids ionize in stages as 
shown below: 


H,S04 ^ H+ + HSO4” ^ H+ + S04=” 

H3PO4 + H2PO4- + HP04^ + P04^ 

An aqueous solution of pliosphoric acid contains besides H^, i.e., 
the ions H2P04“, nP()4"" and PO4-. The successive stages 
of ionization of a polybasic acid are respectively known as the 
primary, secondary and tertiary ionizations. The primary is 
always considerably greater than the secondary and the latter 
greatly exceeds the tertiary ionization. 

It must be remembered in criticizing this remarkable and useful 
theory that it was proposed long before it was demonstrated by 
Bragg that salts are already ionized in the solid state. We have 
already st^en that it is preferable to regard the formation of ions 
from the covalent compound HCI as being due to the transfer of 
H"*" from the HCI to the base water according to the equation: 


HCI + H 2 O H 3 O+ + Cl- 
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and except in highly concentrated solutions this reaction goes 
practically entirely to the right. In examples (2) and (3) the 
substances NaOH and NaCl are already ionized in the solid state. 
The water gives the constituent ions of these substances their 
freedom of motion by reducing the electrostatic attraction between 
the oppositely cliarged ions. With regard to the fourth example, 
acetic acid, it has been already pointed out that it also transfers 
hydrogen ions to water molecules in the same way as does HCl 
but that the reaction in this case is far from complete, owing to an 
equilibrium which is set up after a small percentage of the acetic 
acid has been ionized. As a result we have in the solution only a 
small concentration of oxonium and acetate ions. Acids like 
acetic acid are called weak acids. 

Extent of Ionization of Weak Electrol 3 rtes. In the case of weak 
electrolytes, not all the molecules of the dissolved electrolyte are 
ionized at moderate dilutions. The extent of the ionization is 
expressed by the fraction of the total number of moles of the elec¬ 
trolyte dissociated into ions. It is generally designated by the 
symbol a. Thus for a 0.1 Af solution of acetic acid, a = 0.0134 
or 1.34%. With increasing dilution, the value for a increases. 
This is shown in the following table: 


Table II. Per Cent of Ionization of 
Acetic Acid 


Molarity 

Per Cent Ionized 

0.1 

1.34 

0.08 

1.50 

0.03 

2.45 

0.01 

4.15 


That the extent of the ionization should increase with the 
dilution is easily understood when we recall that ionization is a 
reversible reaction and that the more dilute the solution, the less 
frequently will oppositely charged ions collide to form undissociated 
molecules. 

Conductance of Electrolytes. The degree of ionization of a 
weak electrolyte is generally calculated either from the freezing 
point of the solution or from its electrical conductance. We shall 
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now consider the latter method. Since the ions are the means by 
which the electric current is transported through the solution, it 
follows that for a given weight of dissolved electrolyte, the con¬ 
ductance will depend, at a given temperature, upon the extent 
of the ionization. The conductance, therefore, is a mc^asiire of the 
degree of ionization of a weak electrolyte. 

The Specific Resistance of a solution is the resistance in ohms of 
a cube of one centimeter edge. The reciprocal of the specific 
resistance is called the specific conductance. It is expressed in 
reciprocal ohms (mhos) and is generally designated by the Greek 
letter kappa, k. The conduct¬ 
ance of any given volume of a 
solution depends upon two fac¬ 
tors : (1) the amount of solute 
present between the electrodes, 

(2) the specific ability of the 
solution to conduct. If we wish 
to study the influence of dilution 
on the second factor, we must 
obviously keep the first constant. 

To do this we could place the 
entire volume of the solution 
containing a given amount of the 
solute, e.g., 1 gram equivalent, 
between parallel electrodes one 
centimeter apart as shown in 
Figure 6. The conductance of 
the solution under these con¬ 
ditions is called the equivalent 
conductance. For such measure¬ 
ments, large vessels and large electrodes would be required, mak¬ 
ing the determination rather inconvenient. The arrangement 
which has been pictured in Figure 6 is, however, unnecessary 
for the determination of the equivalent conductance, because of 
a simpler relation that exists between the latter and the specific 
conductance. From the diagram it is clear that if r is the 
volume in ml. which contains one gram equivalent of the solute, 
then the equivalent conductance which is generally designated 
by the Greek letter lambda, A, will be 

A = VK 
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If Vy however, is the volume in ml. which contains 1 mole of the 
substance and we designate the molecular conductance by the 
Greek letter mu, /jl, then 

fJL = VK 

In the following table are given the specific and equivalent con¬ 
ductances of a solution of NaCl at 18° at various concentrations. 

Table III. Conductance of NaCl Solutions 


Normality 

Dilution 

Specific 

Conductance 

Equivalent 

Conductance 

1 

1,000 

0.0744 

74.4 

0.1 

10,000 

0.00925 

92.5 

0.01 

100,000 

0.001028 

102.8 

0.001 

1,000,000 

0.0001078 

107.8 

0.0001 

10,000,000 

0.00001097 

109.7 


The specific conductance decreases as the solution is progres- 
sivfily diluted, while the equivalent conductance increases up to a 
maximum. Now the conductance of a solution of an electrolyte is 
primarily due to 3 factors: (1) the number of ions; (2) their speed; 
and (3) the valence of the ions, i.e., the number of unit charges of 
electricity carried by the ions. Arrhenius assumed that for a given 
electrolyte at a given temperature, neither the valence nor the 
speed* undergoes any change; hence the change of the conduct¬ 
ance on dilution must be due to an increase in the number of ions. 
This is essentially true for weak electrolytes. We shall see later 
that for strong el 9 ctrolytes, it is the change in the speed of the 
ions on dilution that accounts for the increase in the equivalent 
conductance. 

It is customary to designate by means of a subscript the con¬ 
centration of the solution at which the equivalent conductance was 
determined; thus for HCl at 18°, Ao.oi = 369.3. Beyond a dilu¬ 
tion of 10,000 liters, the equivalent conductance of sodium chloride 
remains practically constant and this is true for most salts. The 
maximum conductance is generally designated by the symbol Ao, 
called the equivalent conductance at infinite dilution. This does 

* Recent experiments show that the speed does not remain constant with changes 
in concentration. See Complete Ionization Theory, p. 47. 
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not mean that the dilution is infinite, but that the quantity of water 
containing one g. equivalent of the substance is so large that 
further dilution will produce no greater conductance. For elec¬ 
trolytes which are highly ionized (strong electrolytes), Ao may be 
experimentally determined by progressively diluting the solution 
until no further appreciable change in the value of A is noted.* 
This procedure when applied to weak electrolytes does not yield 
sufficiently accurate data owing to experimental difficulties. 
Fortunately another method is available by means of which the 
value for Ao may be calculated for weak electrolytes. 

Kohlrausch’s Law of Independent Migration of Ions. It has 
perhaps occurred to the reader to ask why all solutions of the 
same equivalent concentration do not have the same conductance 
at infinite dilution. In the cases of HCl and NaCl, the values of 
Ao are respectively 380 and 109. In each of these solutions, we 
have the same number of ions carrying the same number of elec¬ 
tric charges. The difference in the conductances must therefore 
be due to the third factor already mentioned, viz., the difference 
in the speeds of the ions. 

It was found by Kohlrausch that at infinite dilution, the 
equivalent conductance of an electrolyte is, the sum of the con¬ 
ductance's of the ions constituting the electrolyte. Thus if U and 
V represent tlie conductances of the cation and anion of a given 
electrolyte at infinite dilution, then 

Ao = C7 + y 

Suppose we wish to determine the conductance of acetic acid 
at infinite dilution. Applying Kohlrausch\s law, we have, since 
U = 313 and V = 34.6, 

Ao = 313 + 34.6 = 347.6 

Experimental Determination of the Degree of Ionization. Since 
the conductance is proportional to the number of ions in solution, 
it follows that the ratio of the equivalent conductance at a given 
dilution to that at infinite dilution will give the fraction of the 
electrolyte that is ionized or the degree of ionization at a given 
dilution. 

* In practice, values of conductances are plotted ai^ainst dilutions up to 10,000 
titers and the limiting value, i e., Ao. is found by extrapolation. 
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If we denote the degree of ionization of an electrolyte in solution 
by a and represent the equivalent conductances of the solution at 
dilution V and oo respectively by Av and Ao, then 



The above formula enables us to calculate the extent of the ioniza¬ 
tion of a weak electrolyte provided of course we know the con¬ 
ductance at infinite dilution. 

Example. The specific conductance of 0.05 M acetic acid is 
0.000324 reciprocal ohms. Calculate the degree of ionization. 
Since the solution is 0.05 Af, one equivalent of acetic acid will be 
contained in 20 liters or 20,000 ml. Hence 

Ao.o6 = (3.24 X 10-0(2 X 100 = 6.48 

and a = = 0.018 = 1.8% 

Ao 347.6 

The above method of determining the degree of ionization is 
applicable only to weak electrolytes, since strong electrolytes are 
practically 100% ionized at all dilutions. If, however, this method 
is applied to strong electrolytes, values are obtained which we 
may call the apparent degrees of ionization. For 0.1 M solutions 
of the acids HCl, HBr, HNO 3 and H2SO4 (primary ionization) as 
well as the bases NaOH, KOH and Ca(OH )2 the apparent degree 
of ionization is 90%. For various salt types in 0.1 M solution, 
the apparent degrees of ionization are given below. 


Uni-univalent 

KCl, NH 4 NO, 

85% 

Bi-univalent 

BaCh, K 2 SO 4 

73% 

Uni-trivalent 

K 3 Fe(CN) 6 , AICI 3 

65% 

Bi-bivalent 

CUSO 4 

40% 


For exceptional salts see table, p. 48. 

The above figures do not represent true degrees of ionization for, 
as we have seen, all of these salts are already ionized in the solid 
state and their aqueous solutions do not exhibit properties that 
can be ascribed to constituents other than their individual ions. 
Thus the chemical and physical properties of a solution of BaCL 
can be predicted from a knowledge of the properties of the ions 
Ba*^ and Cl“. A molar solution of KCl according to conduct¬ 
ance measurements is 25% un-ionized; yet the solution exhibits 
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only the properties of K*^ and Cl'* and none which can be traced to 
individual molecules of KCL 

Theory of Complete Ionization and the Interionic Attraction 
Theory of Debye and Hiickel. If strong electrolytes are com¬ 
pletely ionized, how then can we explain the fact that as the solu¬ 
tion is progressively concentrated, its equivalent conductance 
diminishes. Arrhenius ascribed this result to reduced ionization 
of the electrolyte into its individual ions. Debye and Hiickel 
(1923), accepting the complete ionization theory, attribute the 
changes in conductance with dilution to the electrical forces wdiich 
exist between the charged ions. Each ion in solution is surrounded 
by an atmosphereof ions of opposite charge and because of 
the attraction which they exert, retard the speed of the ions. 
These attractive forces increase as the solution is concentrated 
because the ions are brought closer together. As a (‘onsequencc, 
a lowering of the equivalent condu(;tance takes place with an 
apparent reduction in the degree of ionization. Conversely, 
when the solution is diluted, the distance between the oppositely 
charged ions increases, the interionic forces become more and 
more feeble and the equivalent conductance increases. Finally 
at extremely great dilutions, the interionic forces become negli¬ 
gibly small because of the relatively great distance between the 
ions, and as a consequence the equivalent conductance reaches a 
maximum value. In brief, Arrhenius assumed that the speed of 
ions remains constant but their number changes with changes in 
concentration. Debye and Hiickel state that with changes in the 
concentration of the solution, the number of the ions remains 
constant but that their speeds undergo changes owing to interionic 
attractions. 

Of the two viewpoints, the weight of experimental evidence is 
in favor of the Debye-Hiickel theory, for the latter alone satis¬ 
factorily accounts for the different conduct of solutions of strong 
electrolytes of various valence types. For if the retarding influ¬ 
ence on the speeds of the ions is chiefly due to the attractive forces 
between the ions, it necessarily follows that for solutions of strong 
electrolytes of the same concentration, the greater the charges on 
the ions, the greater should be the forces of attraction. Hence, it 
is to be expected that all strong electrolytes of the same valence 
type should have approximately the same “apparentdegree of 
ionization in solutions of the same equivalent concentration; 
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and mat those of higher valence type should show a smaller 
apparent degree of ionization than those of lower type. Experi¬ 
ment abundantly confirms these expectations (see p. 46). 

It is important to remember in this connection that while the 
complete ionization theory assumes that strong electrolytes are 
practically completely ionized in aqueous solution at all concen¬ 
trations, this is quite different from saying that the active 
mass’’ of the ion, i.e., its effective concentration, is the same for 
all (concentrations. For, as we have sc^ni, owing to the electrical 
attractions which increase with concentration, the ions are less 
free to move about. Further consideratic^n of the effective con¬ 
centration or activity of the ions will be given in discussing the 
law of chemical equilibrium (see p. 56). It will be useful for 
purposes of reference to arrange in tabular form the more common 
electrolytes together with their degree of ionization. 

Ionization Values of Electkolytes 

1 . Strong Electrolytes, These compounds may all be regarded as 
100 % ionized* and can be so considered in all calculations. This group 
comprises the common strong acids HCl, HBr, HI, HNO 3 and H 2 S 04 ,t 
the bases KOH, NaOH and Ca(OH )2 and nearly all salts. 

2. Weak Electrolytes, In this class we may place all other electro¬ 
lytes not included in 1 . The line of demarkation is not sharp, for a 
number of them are intermediate in strength. This group comprises 
a large number of acids, a few bases, a number of salts and complex 
ions. In this list we shall also include water. The following is an 
incomplete list of weak electrolytes together with their degree of 
ionization in 0.1 M solution: 

1 . Acids.t Oxalic (H^ 4- 110204 “), 50%; sulphurous (H+ 4 - HSO.r), 

33% ; phosphoric (H"^ 4- H 2 P 04 ~), 27% ; hydroflu¬ 
oric, 8.5%; nitrous, 6.5%; acetic, 1.3%; carbonic 
(H^ 4 - 11063 “), 0.17% ; hydrogen sulphide (H^ 4- HS~), 
0.07%; hydrocyanic(HON),0.01%; boric(H-^ 4 -H 2 B 03 “), 
0 . 01 %. 

2. Bases. Ammonia solution, 1.3%. 

3. Salts. Lead acetate, the halides of cadmium, HgBr 2 , HgClj, 

Hg(ON )2 and HgL. 

4. Complex Ions. Ag(NH3)2^ Ou(NH3)4^-^, HgOfi- Fe(ONS)6^. 

5. Water. 

♦ In the case of strong acids such as HCl, the reaction with water to form 
and Cl“ is practically complete. 

^ It is only the primary ionization HaS04 4- H 2 O -f HSOC which is 

considered here. In a 0.1 M solution it is us strong us any of the other acids in this 
group. 

t For a more complete list, see p. 61- 
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PHYSICAL EQUILIBRIUM 

When two or more states or phases of a given substance are in 
contact with each other at a given temperature, an equilibrium is 
established when a definite ratio exists between the concentra¬ 
tions of these phases. This is a statement of the law of physical 
equilibrium. If Ai and A 2 represent two phases of a given sub¬ 
stance, then since each can pass into the other, we can represent 
the reversible change as follows: 

Aj ^ A2 

If Cai represents the concentration of Ai and Ca, denotes the con¬ 
centration of A 2 , then when equilibrium is established at a given 
temperature, we shall have 



The value for k depends upon the ratio of the concentrations and 
not on the total quantity of the substances present in each phase. 

Applications of the Law of Physical Equilibrium. Of the various 
types of systems to which the law of physical equilibrium may be 
applied, we may mention the following: (1) A liquid in a closed 
vessel in contact with its vapor. (2) A solid in contact with its 
melt; e.g., ice and water. (3) A solution in contact with the 
undissolved solute; i.e., a saturated solution. (4) A liquid or 
solid distributed between two immiscible solvents. The first two 
cases are sufiiciently familiar to the student; we shall therefore 
consider only cases 3 and 4. 

When a solid substance is treated with a quantity of water insuf¬ 
ficient to dissolve the substance completely and the mixture stirred, 
a saturated solution results after some time; i.e., a condition of 
equilibrium is reached when at a given temperature the concen¬ 
tration of the solution in contact with the solute remains constant. 
Consider a saturated solution of sugar and let Cm denote the 
concentration of the undissolved sugar and Ca* the concentration 
of the dissolved sugar. The system at equilibrium may be repre¬ 
sented as follows: 

Ai (solid sugar) A 2 (dissolved sugar) 
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Applying to the above equation the law of physical equilibrium, 
we have 



But Cai is a constant since the sp. gr. of a solid remains unchanged 
at a definite temperature; hence 

Cm = K 


The above equation states the familiar fact that a saturated 
solution of a substance at a given temperature possesses a definite 
concentration. This is known as the solubility of the substance 
for that particular temperature. The existence of supersaturated 
solutions does not conflict wdth the law of physical equilibrium 
for the reason that in such solutions we have but one phase (the 
dissolved state). The same applies to unsaturated solutions. If 
to the supersaturated solution we add a crystal of the solid phase, 
precipitation takes place and a saturated solution is formed. 
Certain salts show a tendency to form supersaturated solutions, 
and since the formation of the solid phase of some of these sub¬ 
stances (precipitation) is often employed as a test, the analyst 
must prevent the formation of supersaturated solutions. This is 
accomplished by agitating the solution and by scratching the sides 
of the vessel in order to start the formation of crystals. The most 
reliable method of inducing precipitation in supersaturated solu¬ 
tions is to inoculate the solution with a minute crystal of the sub¬ 
stance. 

When equilibrium is reached, it does not mean that the system is 
at rest. On the contrary, it is more plausible to assume that the 
opposing tendencies, i.e., solution and precipitation, are in full 
opciration but proceeding with equal velocities so that the system 
exhibits no change. 

Solubility and Size of Particles. Experiments show that the solu¬ 
bility of a slightly soluble substance increases as the size of the particles 
decreases. Thus in the experiments of Hulett * the solubility of cal¬ 
cium sulphate, CaS 04 (H 20 ), was found to increase 19% when the 
average diameter of the particles was reduced from 0.002 to 0.(KX)3 mm.t 

* Zeit. phys. Chem. 37, 385 (1901). 

+ Barium sulphate particles with an average diameteir of 1.8 /x dissolve in water 
at 26° to tlie extent of 2.29 mg. per liter. The same substance, when ground in an 
agate mortar to a diameter of 0.1 y, increased in 8(^liil>ility to 4.6 mg. per liter. 
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On treating a saturated solution of the coarse particles with relatively 
small particles, the concentration of the solution was found to increase, 
but on long standing the fine particles all disappeared and the solution 
attained its original solubility. The explanation of this fact is to be 
found in the surface tension which exists at the boundary surfaces of 
all liquids and solids. This force uniformly tends to reduce the sur¬ 
faces to their smallest possible values. Hence the smaller particles 
are converted into larger particles. 

When precipitation takes place, particles of various sizes are formed. 
Since the fine particles arc more soluble than the coarser ones, the 
former dissolve, causing the solution to become super-saturated with 
regard to the coarse particles. Hence on standing the larger particles 
grow in size at the expense of the smaller ones. Since the coarser 
particles are easier to filter and to wash, it is customary before filtering 
a precipitate to “digest it,’^ i.e., to allow it to stand in contact with the 
supernatant liquid. During the “digestion,^^ it is desirable to stir 
and heat the mixture. Stirring serves to increase the contact of the 
fine particles with fresh portions of the solution and heating increases 
the solubility of the fine particles, thus increasing the rate at which the 
dissolved particles diffuse through the solution from the point where 
they dissolve to those areas in which deposition takes place. 

Law of Distribution. Carbon tetrachloride (CCL) and water are 
not appreciably soluble in each other; the same is true of ether and 
water. When carbon tetrachloride and water are shaken together 
in a test-tube and the mixture allowed to settle, the two liquids 
separate into two layers. Because they do not mix in the sense of 
forming a homogeneous mixture such liquids are called immiscible. 

Iodine is considerably more soluble in carbon tetrachloride than 
it is in water. If to a mixture of carbon tetrachloride and water 
some iodine be added, the mixture thoroughly shaken and then 
allowed to stand, the iodine will be found distributed between the 
water and the carbon tetrachloride in such a manner that the ratio 
of the concentrations of iodine in each solvent will be a constant.* 
This is known as the law of partition or distribution and is but 
another application of the law of physical equilibrium. 

When equilibrium is reached, as much iodine will pass in a unit 
of time from the CCI4 layer to the water layer as that which 
passes in the reverse direction. We may represent this condition 
by the reversible equation : 

I 2 (water layer) I 2 (CCI4 layer) 

♦ This simple relation holds only if the substance, in dissolving in each solvent 
does not associate or dissociate; i.e., it must have the same molecular weight in 
each solvent. 
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If we designate the concentration of the iodine in the CCU layer 
by Cij(cci<) and that of iodine in the water layer by Cij(h*o)> then ac¬ 
cording to the law of physical equilibrium, we have 

Clt(CC IO _ 

Cl2(H20) 

K is called the distribution coefficient. For iodine distributed 
between CCI 4 and H 2 O at room temperature, K is found to have a 
value of 85. This means that in all solutions of iodine in CCI 4 
and H 2 O which are in equilibrium with each other, the CCI 4 layer 
will contain 85 times as much iodine per unit volume as that of the 
water layer. This rule holds regardless of the actual amounts of 
the solvents. However, since the amount of iodine in each layer 
will be the product of the volume and concentration, it follows 
that the amount of iodine contained in each will vary with the 
quantity of solvent; but the ratio of the concentrations will 
always be a constant. An example will make this clear. 

Example. 10 ml. of an aqueous solution of iodine containing 
1 mg. of iodine are shaken with 2 ml. of CCI 4 until equilibrium is 
established. The distribution ratio for iodine between CCI 4 and 
H 2 O is 85. Calculate the quantity of iodine remaining in the 
aqueous layer. 


Let X — the quantity of iodine left in the water layer after 

extraction 

Then 1 — x = the quantity of iodine extracted by the CCI4 
When equilibrium is reached, the concentration of the iodine in 



Fig. 7 


the water layer will be ^ = 0.1 x and that of the CCI 4 
kiyer will be —-—According to the law of distribution 

Jd 

0.1 X _ 1_ 

1 - X 85 
2 ' 

1 ^ 

8.5 X = —--— ; whence x = 0.056 mg. 

A 

Suppose by means of a separatory funnel, Figure 7, we 
draw off the CCI4 layer and treat the remaining aqueous 


layer (10 ml.) with another 2 ml. of CCU and shake the mixture 


until equilibrium is reached. The quantity of iodine remaining 
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in the aqueous layer will be reduced to a very small quantity as 
shown in the calculation below. 

the quantity of iodine remaining in the 
aqueous layer 

the quantity of iodine in the CCI4 layer 

± 

85 

——^ ^; whence y = 0.003 mg. 

If the 2 ml. of CCI4 are drawn off from the separatory funnel and 
the remaining aqueous layer (10 ml.) is again extracted with 2 ml. 
of CCI4, the iodine left in the water layer will be reduced to 
0.0002 mg., as can be shown by a similar calculation. If instead 
of three successive extractions with 2 ml. of CCI4, we were to treat 
the original 10 ml. of the water solution of iodine with 6 ml. of CCI4, 
the quantity left in the aqueous layer would be reduced to 0.02 mg.^ 
as is shown in the calculation below. 

0.1 a: _ ± 

1 - X 85 
6 

6 X 8.5 z = 1 — x; whence x = 0.02mg. 

It is thus seen that in making extractions, it is not only more 
efficient but also more economical to carry out a number of suc¬ 
cessive extractions with small portions of the solvent rather than 
a single extraction with a large quantity. 

CHEMICAL EQUILIBRIUM 

Reversible Reactions. Practically all the reactions met with 
in qualitative analysis are reversible in the sense that the products 
of the reaction are capable of reacting to form the initial sub¬ 
stances. Such reactions never go to completion but reach a state 
of equilibrium. The latter may be defined as a condition in a 
reversible reaction in which the opposing reactions (forward and 
backward) proceed with equal velocities. The exact equilibrium 
point in a given reversible reaction depends upon the nature of 
the substances which are brought together, the temperature and 


Then 0.056 — y ~ 

ad —= 
0.056 - y 

2 
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pressure as well as upon the concentrations of the reacting sub¬ 
stances. Any change in the above factors will affect the equi¬ 
librium in the sense of favoring one of the opposing reactions, 
with the result that when equilibrium is again reached, the equi¬ 
librium point will have been displaced or shifted. In the reactions 
employed in qualitative analysis, the temperature ahd pressure 
variations are of little importance compared with the changes in 
concentration. 

Law of Chemical Equilibrium. In 1867 two Norwegian chem¬ 
ists, Guldherg and Waage, sho’wed experimentally that the rate at 
which reactions take place is proportional to the molar concentra¬ 
tions of the substances reacting. A more precise statement of this 
law may be derived as follows: Consider the reversible reaction 

A + B;^C + D 

and let the molar concentrations of A, B, C and D be respectively 
designated by Ca, Cb, Cc and Co- Then the velocity Vi with 
which A reacts with B to form C and D will depend respectively 
upon the concentrations of A and B and therefore will be propor¬ 
tional to their product. Hence 

Fi = fci X Ca X Cb 

in which is the proportionality constant. 

Similarly, if we designate by F 2 the velocity with which C and 
D react to form A and B and denote by /c 2 the proportionality 
constant for this reaction, we have 

F 2 = A^2 X Cc X Cd 

Since the velocity of a reaction is proportional to the concentra¬ 
tions of the reacting substances, it follows that at the beginning, 
VI will have a maximum value, but as A and B react, their respec¬ 
tive concentrations will diminish and so will the reaction velocity 
Fi. On the other hand, F 2 will be 0 at the start, and will increase 
as the concentrations of C and D are increased by the interaction 
of A and B. As Fi progressively decreases as F 2 increases, a 
point must finally be reached when Fi = F 2 . This is the equi¬ 
librium point and hence we have 

fci X Ca X Cb = fca X Cq X Cd 

Cq X Cp ss: hi z=s fT 
Ca X Cb kz 


or 
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K is called the equilibrium constant. Its value changes with the 
temperature and pressure, but does not vary with changes in 
concentrations of the reacting substances. For a reaction in 
which more than two substances react, such as 

A +-B + C^i±D + E 

the equilibrium equation is 

_Up X C e _ TT 

Ca X Cb X Cc 

Where two moles of a substance appear in the equation, as in 

2A + B;i±C + D 


the concentration of that component is squared in the equilib¬ 
rium equation as shown below 


Cc X Cl, 
Ci X Cb 


= K 


In general, for the equation 


we have 


mA + nB oC + pD 

ChXC ?y ^ j. 

Cl X Cl 


From the above equation, the most general form of the law of 
chemical equilibrium may be stated as follows: When at a given 
temperature an equilibrium is reached in a reversible reaction, the 
product of the molar concentrations of the reaction products, 
divided by the product of the molar concentrations of the 
initial substances — each concentration raised to a i)Ower equal 
to the number of moles taking part in the reaction — will be 
a constant. 

Law of Chemical Equilibrium and Ionization. Extensive experi¬ 
ments have conclusively shown that the law of cliemical equilibrium 
applies only to dilute solutions of weak electrolytes such as acetic 
acid and ammonia solution. That the law is inapplicable to 
strong electrolytes such as KCl, HCl and NaOH is clearly shown 
by the fact that the value for K for different concentrations does 
not remain constant (see Table IV), but increases with increasing 
concentration of the solution. 
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Table IV. Value for for KCl Solutions at Various 
Concentrations 


“K”. . . . 

0.15 

0.54 

1.46 

2.34 

3.52 

4.31 

Normality. . 

0.01 

0.1 

0.5 

1.00 

2.0 

3. 


The values for “ii’' in Table IV were calculated from the apparent 
degrees of ionization as determined from conductance data. But 
from the standpoint of the complete ionization theory, the conductance 
ratio, i.e., A/Ao, does not give a measure of the degree of ionization of 
strong electrolytes, except perhaps in extremely dilute solutions. 
Hence, when the concentrations of the ions derived from conductance 
data are substituted in the equation for the law of chemical equilibrium, 
it is not surprising to find that a constant value for K is not obtained. 

Moreover, it has been erroneously assumed that in the mathematical 
formulation of the law of chemical equilibrium, the active masses or 
effective concentrations of the constituents could be represented by 
their molar concentrations. 

Activity Coefficient. The law of chemical equilibrium is applica¬ 
ble only to systems in which the reacting molecules or ions are free 
to act. This condition, however, does not exist in solutions of 
electrolytes owing to the ele(*trical forces acting between the op¬ 
positely charged ions. These forces of attraction, as we have seen, 
reduce the activity of the ions, and hence the latter behave as if 
they were of lower concentration than that calculated from the 
total concentration of the dissolved electrolyte. If, therefore, 
we wish to apply the law of chemical equilibrium to an ionization 
reaction, it will be necessary to multiply each concentration by a 
correction factor which will allow for these interionic attractions. 
This factor is called the activity coefficient because it shows what 
fraction of the total concentration is effective in equilibrium 
reactions. 

If we represent the corrected concentration or activity by a,* the 
activity coefficient by / and the total concentration, i.e., the number 
of moles per liter, by c, then 

a = f X c 

The activity of an ion or molecule is its effective concentration. It 
is the concentration which when substituted in the expression for 
the law of chemical equilibrium will correctly express the influence 

♦The activity can be calculated by measuring the electromotive force of a 
suitably arranged concentration cell. 
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of the ion or molecule in bringing about equilibrium. The value 
of the activity approaches that of the molar concentration as the 
solution is progressively diluted, since under these conditions the 
ions will be farther apart and hence the interionic attraction will 
be smaller. At infinite dilution the forces between the ions will be 
zero and hence a — c and/ = 1. Table V shows that with increas¬ 
ing concentration the value of / is less than 1 but at high concen¬ 
trations the value may be greater than unity. This may be due to 
other causes such for example as the change in the hydration of 
the ions with increasing concentration 


Table V. Activity Coefficients of Typical Electrolytes 

AT 25° C.* 


Moles per Liter 

0.01 

0.1 

1.0 

2.0 

3.0 

IICl. 

0.90 

0.80 

0.81 

1.02 

1.32 

HN 03 . 

0.91 

0.79 

0.73 

0.79 

0.91 

KCl. 

0.90 

0.76 

0.60 

0.57 

— 

NaCl. 

0.92 

0.80 

0.65 

0.66 

0.70 

AgNOa. 

0.90 

0.72 

0.40 

0.28 

0.23 

CdCL. 

0.53 

0.22 

— 

— 

— 

CuSO. . 

0.40 

0.16 


— 

— 


Ionic Strength. Results of experimental studies with dilute solu¬ 
tions have shown that the activity coefficient of an ion depends upon 
the total ion concentration of the solution, but it has the same numeri¬ 
cal value for all solutions having the same ionic strength. This new 
term introduced by Lewis and Randall is a measure of the electrical 
field existing in solution. The ionic strength is defined as of the 
sum obtained by multiplying the total concentration of each ion by the 
square of its valence. An example will make this clear. A 0.1 ilf HCl 
solution containing 0.5 M BaCL has the following ionic strength: 

IX == i{ 0 . 1 (for H 3 O+) + 0.5 X 2 Hfor Ba++) + l.l(for Cl")} = 1.6 

In the study of the influence of neutral salts on the solubility of slightly 
soluble electrolytes, it is found that the ionic strength of the solution, 
rather than the chemical properties of the salts, affects the value of the 
activity coefficient (see solubility product). 

The use of the terms activity, concentration and activity coefficient 
is shown in the following example. Consider the following equilibrium 

+ A- 


♦ Hildebrand, Principlea of Chemistry, p. 109. 
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and let Cba, Cb+ and Ca- represent the molar concentrations, aBA, 
aB+ and a^- the activities and /ba, /b+ and /a- the activity coefficients 
respectively of BA, B'*' and A“. Then we have 

(Ib+ X Oa~ _ 2^ 

^BA 

But since the activity is equal to the activity coefficient X the con¬ 
centration, the above expression becomes 

/b+ ‘ X /a - • CX- _ Cb+ X (^A- /b+ X /a- _ 2y 
/bA • BA CbA /ba 


The above is the correct expression of the law of chemical equilib¬ 
rium. Since it is difficult to determine the activity coefficients, it 
is common practice to use the form 


Cb^ XCj,- __ 


( 2 ) 


It is evident, however, from the foregoing, that equation (2) will be 
true only when /b+ • /a-Z/ba is a constant. As a general rule, /ba, i-©-, 
the activity coefficient of the non-ionized molecules, may be taken 
equal to unity. For weak electrolytes, /b+ and /a- do not differ very 
much from unity; hence, K in equation (2) may be considered a true 
constant. However, wlien to a dilute solution of a weak electrolyte, a 
strong electrolyte with or without a common ion is added, the values for 
/b+ and /a- can no longer be regarded as equal to unity and hence 
equation (2) will not be true. For dilute solutions of weak elec¬ 
trolytes, for which the theory of ionization of Arrhenius holds, we can 
obtain the effective concentration with little error by multiplying the 
molar concentration by the degree of ionization. For strong elec¬ 
trolytes, as well as for the more concentrated solutions of weak elec¬ 
trolytes, we should employ the activity coefficients. The latter are 
difficult to determine and except for dilute solutions of uni-univalent 
salts, insufficient reliable data are at present available to permit their 
general application. This is notably the case, when dealing with 
solutions containing mixtures of salts of various valence types, such 
as are encountered in qualitative analysis. For this reason, in this 
text, we shall employ the classical expression for the law of chemical 
equilibrium, employing molar concentrations instead of activities. 
In all calculations, we shall assume strong electrolytes to be 100% 
ionized without applying the correction of the activity coefficient. 
Fortunately, in many cases, the numerical results based on this assump¬ 
tion do not differ very materially from those obtained when this factor 
is taken into account. 
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APPLICATIONS OF THE LAW OF CHEMICAL EQUI¬ 
LIBRIUM. THE IONIZATION OF WEAK ACIDS 

Ionization Constant. We have seen that acetic acid ionizes 
according to the following equation: 


HC2H3O2 + H2O ^ H3O+ + C2H3O2-* ( 1 ) 

Applying the law of chemical equilibrium to this reaction we get 

C^Oj-X CciHsOt- __ {o\ 

C V 

^HC2Ha<)2 X C/H 2 O 


Kj is the equilibrium constant for the ionization of acetic acid. 
The equation can be simplified if we consider the fact that in all 
dilute aqueous solutions of acetic acid, the concentration of the 
H 2 O will be practically the same as it is in pure water.* 

Hence we may write equation (2) in the following form 

X Ch,o (3) 

b UC2HaOa 

Since Ki X Ch«o is practically a constant, the above expression 
simplifies to 

Uh 30+ X CcaHaOt" _ 

UhCjIIjOi 


or if we designate HaO*^ by its anhydrous formt H+, equation (4) be¬ 
comes 


Ch+ X CcaHaO?- _ 

UnCaHiOa 


(5) 


The ionization constant increases with increasing ion concentra¬ 
tion. This is called the salt effect. For example, if NaCl is added to 
a dilute solution of acetic acid to which a few drops of methyl orange 
solution are added, it will be observed that the color changes to a 
pink, showing that the value for K in equation (5) has been increased. 

♦ At 25° pure water has a density of 0.997. Hence its molar concentration, i.e., 
CuiO is 997/18.02 = 55.35 M. We can readily calculate CiiaO in 0.1 M acetic 
acid if we know the density of the solution; the latter at 25° is 0.998. Now 0.1 M 
acetic acid contains 0.1 X 60 (molecular weight acetic acid) = 6 g. anhydrous acetic 
acid per liter. Hence the weight of pure water in a liter of tliis solution is 
998 — 6 = 992 g. The value for C 1120 in this solution is, therefore, 992/18.02 
66.1 M. This number does not differ very much from that for pure water. 

t Although, as we have seen (p. 23), there are good reasons for considering the 
hydrogen ion in aqueous solution as HbO"^, for the sake of simpUcity we may rep¬ 
resent the proton by its anhydrous form. 
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The following examples illustrate the applications of the law of 
chemical equilibrium. 

Example L Given the molarity and degree of ionization of a 
weak electrolyte, to calculate the molar concentration of the ions. A 
0.1 molar solution of acetic acid is ionized 1.34% at 18°. Calcu¬ 
late the molar concentration of the and C 2 H 302 “. 

A 0.1 molar solution of acetic acid contains 0.1 mole of HC2H3O2 
in a liter of solution. This is the total molar concentration. Of 
this amount, 1.34% is ionized; hence 0.1 X 0.0134 = 0.00134 
mole of acetic acid is completely ionized and 0.1 — 0.00134 = 
0.09866 mole is un-ionized. 

From the equation 

HC2H3O2 + H2O ^ H3O+ + C2H3O2- 


it appears that for each mole of acetic acid which is ionized, we get 
one mole each of H 3 O+ and C 2 H 302 “. Hence for 0.00134 mole, the 
part which is completely ionized, we get 0.00134 mole each of 
and C 2 H 302 “. At equilibrium we shall have 0.09866 mole of 
un-ionized acetic acid and 0.00134 mole each of H 3 O+ and C 2 H 302 ~^ 
per liter. 

Example 2. Calculate the equilibrium constant for acetic acid 
from the data given in Example 1. 

The law of chemical equilibrium applied to the ionization of 
acetic acid (see p. 59) gives the following equation: 

Uh30+ X Uc 2 H»02~ _ 

UhCiHsOj 


In a 0.1 molar solution of acetic acid which is ionized 1.34% 
(see Example 1 ) Cn 30 + = UczHjo,- = 0.00134 mole per liter and 
ChcsHjOj == 0.09866. Substituting these values in (4) we get 

0.00134 X 0.00134 


0.09866 


= ii: = 0.0000182 = 1.82 X 10~^ 


K, the ionization constant for acetic acid, remains practically con¬ 
stant for all concentrations of acetic acid below 1.0 M. 

In a similar way we can apply the law of chemical equilibrium 
to the ionization of other weak acids and bases and obtain their 
ionization constants. These figures (see Table VI) show consider¬ 
able range in value. It is evident that for equivalent solutions of 
different weak acids or bases, the greater the degree of ionization, 
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the greater will be the numerical value for K, Hence the ionization 
constant gives us a measure of the strength of an acid or base. 


Table VI. Ionization of Weak Acids 


Acid 

Reaction 

Ionization 
(^onsfant 
at 25'^ C. 

Acotic Acid .... 

hcjHjOj+HjO H30++C!n302-- 

1 . 8 X 10 “'* 

Carbonic Acid . . . 

H 2 COJ+H 2 O H 3 O++HCOJ- 

3X1()“- 

Hydrogen Sulphide 

HjS+HjO H 5 O* +HS- 

9X10*^ 

Hydrocyanic Acid . . 

FCN+II 2 O HsO+^-f CN- 

7X10“1'> 

Oxalic Acid .... 

1120204+1120 HsO^ +IIC 20 r 

3.8 xur* 

Sulphurous Acid . . 

H 2 SO 3 +H 2 O II 3 O++HSO 3 - 

1.7 XIO-^ 

Phosphoric Acid . . 

HaPO.+HiO H30+-|-lhTOr 

1 X 10 “'^ 

Arsenic Acid .... 

II 3 ASO 4 + H 2 O IHO^ + HzAsOr 

5X10“^ 

Nitrous Acid 

IlN 02 -f HiiO II 3 O+ + NO 2 - 

5X10"* 

Boric Acid .... 

H 3 BO, +H 2 O fii HjO+H-HzBOa- 

7X10“>" 

Arsenious Acid . . . 

HASO 2 +H 2 O ?3-Ul50++A80j- 

6 xur*“ 

Hydrogen Peroxide 

H 20 s + H 20 ^ H 3 O++HO 2 - 

2.4X10“*2 

Acid Oxalate Ion . 

HC 20 ,-+H 20 H 3 O++C 2 O 1 - 

5X10-'* 

Bisulphate Ion . . . 

11 SO 4 -+ 112 O H 30 ++sor 

3X10“* 

Bicarbonate Ion . . 

HC0,-+Il20 H,0++C0.- 

7X10“" 

Bisulphide Ion . . . 

IIS-+H 2 O ^ HsO++S" 

1 X 10 ~»& 

Dihydrogen Phosphate 
Ion. 

HsPOr+HsO ^ HsO+H-HPOr 

2X10“7 

Monohydrogen Phos¬ 
phate Ion .... 

iiPOr 4 H 20 H80++p04= 

4X10“i'" 

Bisulphite Ion . . . 

H.S() 3 -+Il 20 H 3 O++SOJ- 

6 X 10 “« 

Hexa-aquoaluminum 
Ion. 

AKH 20 ).++++H 20 H30++A1(H20)50H++ 

paxio-ii 

Hcxa-aquoferric Ion . 

Pc(H 20 ) 6 +'' -'- +H 2 O H 30 + + I''c(H 20 ) 60 H++ 

6.3X10“» 


Further Applications of the Law of Chemical Equilibrium. The 

value for if was calculated from the degree of ionization and the 
molarity of the solution. If we know any two of these three 
quantities, we can calculate the third. 

Example 3. Given the molarity and ionization constant of an 
acidy to calculate its oxonium ion concentration and degree of ioniza¬ 
tion. The ionization constant for acetic acid is 1.8 X 10"^ Cal¬ 
culate the H 3 O+ concentration of a 0.04 M solution and also its 
degree of ionization. 

Acetic acid ionizes as follows: 

HC2H3O2 + H2O H 80 + + CaHaOa- 

Let X = the concentration of the HsO"*" and, since in a pure solution 
of acetic acid * the Ch,o+ = Caa^-t the latter will also be x. But 

♦ The acid is pure in the sense that it contains no acetate such as NaCsHsOj nor 
any other acid as HCl. In such a solution the and CaHiOa^ must be present 

in equal concentrations. 
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X moles of HsO*^ and x moles of C 2 H 302 “ must have been obtained 
from the complete ionization of x moles of HC 2 H 8 O 2 . Hence 
0.04 — X is the concentration of the un-ionized acetic acid. Sub¬ 
stituting these values in the general equilibrium equation for 
acetic acid we get 




0.04 -- X 


= 1.8 X 10-'*^ 


In the above equation, x in the denominator is so small com¬ 
pared with 0.04 that it can be dropped without introducing an 
appreciable error.* By so doing we avoid a quadratic equation. 


0.04 


1.8 X 10-5 


= 0.072 X IQ-^ = 0.72 X 10-« 

X = 0.8 X lO”"^ = 8 X 10~^ mole per liter 


The percentage ionization is therefore 

8 X 10-^ V inn - 8 X 10"^ X 10^ 
0.04 ^ 4 X 10-2 


Polybasic Acids. Attention has already been directed to the 
fact that polybasic acids, such as II 2 S, H2CO3 and H3PO4 ionize in 
stages. Thus H 2 S undergoes primary and secondary ionization 
as shown below. 

H 2 S + H 2 O ^ H 3 O+ + HS- ( 1 ) 

HS- + H 2 O ^ HaO-^ + S= ( 2 ) 

By an application of the law of chemical equilibrium to each of the 
above equations, we get an ionization constant for each stage of 
ionization. Thus for the primary ionization, since Cmo is a con¬ 
stant, 

X Chb- = = 9.1 X 10-» (1 a) 

UhzS 

and for the secondary ionization we have 

gH.o+ X ... C 8 - = X 2 = 1.2 X 10 -« (2 a) 

Ch8- 

The value for Ki is very much greater than that for K 2 . In 
solutions of all polybasic acids, it is found that the primary ioniza¬ 
tion is considerably greater than the secondary and the latter 
greater than the tertiary ionization. 

* In calculations involving the law of chemical equilibrium, it is not customary to 
express values to more than two significant figures. 
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In an aqueous solution of H 2 S, the secondary ionization as 
shown in equation ( 2 ) takes place to an exceedingly small extent. 
Hence it follows (a) that the Ch,o+ and the Chs- of the solution 
will be practically equal in value; (h) practically all the and 
HS“ of the solution will result from the primary ionization, and 
(c) since at equilibrium Cnzo+ and Chs- must each have a value 
which will satisfy both equilibrium constants, we may substitute 
ill (2 a) the values of Ch 30 + and Chs- as derived from the primary 
ionization. By so doing we get Cs- = 1.2 X 10“^^ which is the 
value for the secondary ionization constant. Practically the 
same result is obtained regardless of the total original concen¬ 
tration. For different concentrations, different values will of 
course be obtained for Ch 30 + and Chs-, but as the latter are prac¬ 
tically equal they will cancel out when substituted in (2 a ). There¬ 
fore for all weak diabasic acids the concentration of the divalent ion 
resulting from the secondary ionization is numerically equal to the 
secondary ionization constant. 

If we multiply equations (1 a) and (2 a), we obtain 

= 1.1 X io-« (3) 

b H2S 

A saturated solution of H 2 S at atmospheric pressure at 25° is 
approximately 0.1 M. Substituting this value in equation (3), 
the latter becomes 

CLo . X Cs^ = 1.1 X 10-23 (4) 

It is apparent from equation (4) that the concentration of the 
S ion is inversely proportional to the square of the HaO"*". If in a 
saturated solution of H 2 S we were to double the concentration of 
the H 3 O+ (by the addition of HCl), we should simultaneously 
reduce the S ion concentration to one-fourth of its original value. 

We have seen that Cs- is equal to the secondary ionization con¬ 
stant 1.2 X 10-^3 If this value for Cs- be substituted in (4), 
we obtain the value for Ch,o+ as follows: 

^ 

Therefore 

Chkh = v' 0.9166 X 10-» = 9.5 X lO"® 

In a saturated aqueous .solution of H 2 S at 25° 

Chk>+ = 9.5 X 10-^ and Cs- = 1.2 X 10-“ 
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Calculation of the Ch 30+ of a Weak Polybasic Acid. Since the 
primary ionization of H 2 S is so much greater than the secondar}^, 
it follows that the equation H 2 S + 2 H 2 O ^ 2 HaO'*' + S” does not 
correctly express the ionization; for if it did, the concentration of 
HaO*^ would be twice that of S” in a pure solution, which is not 
the case (see above). 


Example 4* Calculate the approximate H 3 O+ concentration of 
a 0.05 M solution of H2S. Because the secondary ionization is so 
exceedingly small as compared with the primary, weak dibasic 
acids like H 2 S and H 2 CO 3 may be considered, so far as the H 3 O+ 
is concerned, as monobasic acids, the H 3 O+ of the solution being 
derived almost entirely from the primary ionization. The equi¬ 
librium equation for the primary ionization is 


Ch 80 + X Chs- 
Ch2S 


= 9.1 X 10-8 


Let X - concentration of the HaO'^. It will also be the concen¬ 
tration of the HS-. Then 


0.05 


= 9.1 X 10-8 


= 0.455 X 10-8 45,5 X 10 - 1 ® 

X = 7 X 10-8 mole per liter 


Common Ion Effect. If to a liter of 0.1 M acetic acid which 
is ionized 1.34%, 0.1 mole (8.2 g.) of NaC 2 H 302 is added, what 
will be the (7h«o+ of the resulting solution. 

We have already seen that in a 0.1 ilf solution of acetic acid 
which is ionized 1.34%, equilibrium is reached when 

0.00134 X 0.00134 ^ ^ ^ 1 g2 X lO-® 


In the above equation 0.00134 is the concentration of the HaO"^; it 
is also the concentration of the C 2 H 302 ”. And 0.09866 is the 
concentration of the un-ionized acetic acid. Now if we add to 
this solution 0.1 of a mole of NaC 2 H 302 ,* we shall be adding 0.1 
mole each of Na+ and C 2 H 3 O 2 -. The latter will increase the con¬ 
centration of the C 2 H 3 O 2 - from 0.00134 to 0.10134. Substituting 

* The introduction of NaC 2 HaOa has two effects: (1) The salt effect. This, as 
we have seen, will tend to increase the ionization of acetic acid with the production 
of a higher CHaO+. (2) The common ion effect which will lower the Ch80 +. The 
influence of the former as compared with the latter is so small in this case that we 
shall neglect it. 
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the new value for the acetate ion" in the equilibrium equation 
above, we would get 


0.00134 X 0.10134 ^ i oo v 
009866 > ^ 


When the value of the ratio becomes greater than the equilibrium 
constant, it signifies that the system is not in equilibrium. Ac¬ 
cordingly, some adjustments of the values of the terms of the 
fraction must be made in order that it may equal the equilibrium 
constant. This can only be accomplished by some oxonium ion 
combining with an equivalent quantity of acetate ion to form 
some un-ionized acetic acid and water. Let x equal the fraction 
of a mole of un-ionized acetic acid which is thus formed. Then, 
since x moles of acetic acid require the union of x moles of 
and X moles of C2H302“”, x is the con(5entration of and 

C 2 H 302 ‘' which unite to form x moles of un-ionized acetic acid. 
Substituting these values in the equation above we get 

(0.00134 - x ) m0\M - x) ^ 1 oo y 10-5 
0.09866 + X 


Solving for x we obtain x = 0.00132 

Hence = 0.00134 - 0.00132 = 0.00002 

^nd Cncmo. = 0.09866 + 0.00132 - 0.09998 

The reader will observe that the change in the denominator is 
negligibly small. This arises from the fact that the acid is weak, 
i.e., it dissociates very little. So that for all practic^al purposes 
the denominator may be considered not to change and to be the 
molarity of the acid. Again, the C 2 H 302 ~ added is so much 
greater than that derived from the acid, that the latter may be 
dropped without introducing an appreciable error. 

From the foregoing considerations, we arrive at a comparatively 

simple method of solving the above problem. 

Let X == Ch 30 + desired 

Then = 1-8 X 10"® 

0.1 

a; = 1.8 X lO-i* 

= 0.000018 


Calculation of the S Ion Concentration in a 0.3 M HCl Solution 
Saturated with H2S. Since the sulphides of the Group 2 metals 
are precipitated by H 2 S in a 0.3 M HCl solution, it will be of 
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interest to calculate the S ion concentration of this solution. 
The presence of HCl will increase CHao+ and correspondingly 
reduce Cs-. Hence the Cs- of the solution will be less than 1.2 X 
The Ch 30 + of a 0.3 M HCl solution is 0.3 M. This value 
is so much greater than 9.5 X 10~^ that the latter can be neglected 
without appreciable error in the following calculation. If in 
equation (4) we make Ch 30 + = 0.3, we get 



1.1 X 10-^^ 


1.2 X 10-22 


1.1 X 10-^^ 
0.09 


= 12.2 X 10-^ 


PROBLEMS ON IONIZATION 

(1) Calculate the OH ion concentration in a 0.1 ilf j^ution of NHs. 
A == 1.8 X 10“^ This problem is similar to Exam^e 3, p. 61. In 
this case, however, K is not the ionizatieto constant but the equilib¬ 
rium constant controlling the reaction: NHs + H 2 O NH 4 '^ + OH“ 
(see p. 183). 

Let z — cone, of NH 4 ‘‘'; it will also be the concentration of OH"* 
We have, therefore, 

— = 1.8 X 10-‘ whence x = 1.4 X 10-» 

0.1 

(2) If in Problem 1, the solution also contained 1 mole of NH4CI 
per liter, what will be the OH ion concentration of the solution ? 

Aub. 1.8 X 10-«. 

(3) The primary ionization constant for H 2 CO 3 is 3 X 10~L Cal¬ 
culate the approximate concentration of its HsO’^ in 0.01 M solution. 

Ans. 5.5 X 10“^ 

(4) Calculate the primary ionization constant for a 0.1 ikf solution 

of H2CO3 which is ionized 0.17%. Ans, 2.9 X 10“L 

(5) The ionization constant for acetic acid is 1.8 X 10~®. Calculate 

the degree of ionization of a 0.5 M solution. Hint. First calculate 
Cu.o+. Ans. 0.6%. 

( 6 ) Calculate the H 3 O+ concentration of a 0.4 M acetic acid solu¬ 
tion containing 0.1 mole of NaC 2 H 302 per liter. 

Ans. 7.2 X 10~^ 

(7) Calculate the S ion concentration of a 1 M HCl solution which 

IS saturated with H 2 S. The ion product constant for a saturated 
aqueous solution of ILjS at 25° is X Cg- = 1.1 X lO'^a, 

Ans. 1.1 X 10~23. 

(8) If the solution in Problem 7 were sufficiently diluted to reduce 
the HCl concentration to 0.03 M and then saturated with H2S, what 
would be the S ion concentration of the resulting solution ? 

Ans. 1.2 X 10"2®. 
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(9) Calculate the Ch 30 + of a 0.2 M solution of acetic acid containing 
24.6 g. NaC 2 H 302 per liter. Assume that the latter is completel}^ 
dissociated. The ionization constant of the acid is 1.8 X 10“^. 

Arts, 1.2 X 10~^ 

(10) Formic acid HCOOH is a monobasic acid. In a 0.2 molar 
solution it is ionized 3.2%. Calculate its ionization constant. What 
is its percentage ionization in a 0.05 M solution? 

Am. 2.1 X lO"**; 6.4%. 

SOLUBILITY PRODUCT 

Law of Solubility Product. By experiment it has been found 
that in a saturated solution of a slightly soluble electrolyte, the 
product of the’total molar concentrations of the ions is a constant 
for a given temperature, provided each concentration is raised to 
a power equaWb the respective number of moles derived from the 
ionization of one mole of the original substance. 

A few examples will illustrate the application of the above 
principle. 

(1) Silver chloride dissociates as follows: 

AgCl ^ Ag+ + Cl~ 

Hence the general expression for its solubility product is 

X Cci- = KasCI 

(2) Calcium phosphate, Ca 3 (P 04 ) 2 , dissociates according to the 
following equation: 

Ca 3 (P 04)2 ^ 3 Ca++ + 2 P 04 ^ 

The general expression for its solubility product is therefore: 
Cca-H^ X Cpo4= = ^Ca3(P04)a 

In general, if A^Bn represents a slightly soluble electrolyte which 
on dissociation yields m moles of the cation A'^"' ‘' and n moles of 
the anion B according to the equation 
AmBn ^ mA+ * + nB 

then the general expression for the solubility product becomes 

XCS-... = AVb„ 

For a salt like NH 4 MgP 04 which dissociates according to the 
equation 

NH4MgP04 NH 4 + + Mg^-+ + P04^, 

we have Cnh 4 + X Cms-^+ X Cpo 4 - == A]^H 4 Mgpo 4 
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Limitations of the Law of Solubility Product. The law is based 
on an experimental study of saturated solutions of slightly soluble 
electrolytes. It does not hold for moderately soluble salts such 
as NaCl or KCIO 3 . Nor does it apply rigorously to slightly soluble 
salts in the presence of a large concentration of foreign salts.* 
Thus in the presence of much KNO 3 , the S. P. constant for CaS 04 
is found to increase. The law has, however, been found to hold 
satisfactorily for saturated solutions of slightly soluble electrolytes 
containing foreign salts, provided the total salt concentration does 
not exceed 0.3 molar. t 

Calculation of the Solubility Product Constant. This is best 
shown by taking a number of typical cases. In all calculations 
involving the law of chemical equilibrium and solubility product, 
the concentrations of the ions must be expressed in moles per liter. 
Hence when the concentrations are given in grams per liter, they 
must be converted into moles per liter. 

Example 1. The solubility of AgCl in water at 20° is 0.0016 g. 
per liter. Calculate its solubility in moles per liter. 

One mole of AgCl = 108 + 35.5 = 143.5 g. Hence the fraction 

of a mole of AgCl present in 0.0016 g. is = 0.0000112 = 

1.12 X 10""^ mole per liter. 

Example 2. Silver chloride is soluble in water to the extent of 

1.12 X 10“^ mole per liter. Calculate its solubility in grams per 
liter. This problem is the converse of Example 1. 

1.12 X 10“^ mole = 0.0000112 mole 

Since one mole of AgCl is 143.5 g., 0.0000112 mole = 143.5 X 
0.0000112 = 0.0016 g. per liter. 

* Strictly speaking, it is the activities and not the concentrations which should 
api>ear in the expression for the solubility product. Applying the correction of the 
activity coefficient to the slightly soluble electrolyte BA, our equation would take 
the form 

(/b+ X Cb+)(/a- X Ca-) - K 

The solubility product can only be constant, when the activity coefficients are con¬ 
stant and this will only be the case when the solution is very dilute, or when the 
ionic strength (see p. 57) remains unchanged. In the presence of a neutral salt 
without a common ion, the ionic strength will be increased; this will lower the 
activity coefficients of both ions. As a consequence the solubility of the slightly 
soluble salt must increase in order that Cb+ X Ca~ •/b+ •/A'“ Baay be kept constant. 
The greater the valence of the ions of the neutral salt that is added, the greater will 
be the lowering effect on the activity coefficient and the greater therefore will be 
the solubility of the sparingly soluble salt. 

tStieglita, J.A.C.iS,. 30 (1908), 9460. 
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Example S. The solubility of AgCl is 0.0016 g. per liter. Cal¬ 
culate its S. P. Since the solubility is given in grams per liter, it 
will be necessary first to convert it to moles per liter. 

^5^ = 0.0000112 - 1.12 X 10-^ mole per liter 

In its saturated aqueous solution, AgCl is dissociated according 
to the equation: 

AgCl-^Ag+ + Cl- 

According to the above equation, 1 mole of AgCl will give one 
mole each of Ag'+' and Cl“ Hence 1.12 X 10~^ mole of AgCl will 
yield 1.12 X 10“^ mole each of Ag+ and Cl~ In other words, the 
molar concentrations of the Ag and Cl ions are identical with 
the solubility of AgCl. Hence, CAg+ = 1.12 X 10~^ and Cci- = 
1.12 X 10-^ 

The general expression for the S. P. of AgCl is 

X Cci- — A^AgCl 

Substituting the values for CAg+ and Cci-, we get 

(1.12 X 10-®)(M2 X 10-0 = 1-2 X 10-i‘> = i^Agci 

The steps in the calculation of the S. P. of a substance when the 
solubility is given in grams per liter are as follows: 

(1) Change grams per liter into moles per liter. (2) Write the 
equation expressing the dissociation of the substance. (3) From 
the equation, determine the concentration of each ion. (4) with 
the aid of the equation, write the general expression for the S. P. 
(5) Substitute in the general expression the values for the con¬ 
centrations as determined in (3). 

Example 4- The solubility of Ag 2 Cr 04 is 2.5 X 10-^ g. per liter. 
Calculate its S. P. 

1st step. 2.5 X 10-2 = 0.025 g. per liter. The molecular 

weight of Ag 2 Cr 04 is 332; hence = 0.00008 = 8 X 10-'> 

mole per liter. 

2nd step. Ag 2 Cr 04 ^ 2 Ag*^ + Cr 04 “. 

3rd step. Since one mole of Ag 2 Cr 04 gives 2 moles of Ag^ and 
one of Ci^ 4 *“, 8 X 10“^ mole of Ag 2 Cr 04 will yield 2 X 8 X 10“^ 
mole of Ag"*" and 8 X 10-® mole of Cr 04 ". Hence 

CAg+ = 2 X 8 X 10-*^ and CcrOi- = 8 X 10-® 
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4th step. From the equation we get: C\g¥ X Ccroi- = -K^Agjcr 04 . 
5th step. Substituting the values for Cj^+ and Ccro«- above, 
we get: 

(2 X 8 X 10-^y{8 X 10-^) = 2100 X lO"'® = 2.1 X lO^.'^ = Kj^,cro. 

Since in a pure saturated solution of a slightly soluble electrolyte 
there is a definite relation between the concentrations of its 
respective ions, we can calculate the solubility product if wc are 
given the concentration of one of the ions. 

Example 5. The concentration of in a saturated aqueous 
solution of CaF 2 at 18° is 4 X 10“^ mole per liter. Calculate the 
S. P. of CaF 2 . Calcium fluoride dissociates as follows: 

CaF2 ^ Ca^”^ + 2 F“ 

From the above equation, it is clear that in a saturated solution 
the concentration of Ca'^+ is half that of F“ or Up- is twice the 
Cca++. Since Cp- is 4 X 10"^, Cc&++ = 2 X 10“^ mole per liter. 
The general expression for the S. P. of CaFg is 

• Cca++ X Cp- = KctiYt 

Substituting the values for Cca++ and Cp- in the above equation, 
we get: 

(2 X 10-4) (4 X 10-4)2 = 3.2 X 10-11 = i^caF. 

Calculation of the Solubility from the Solubility Product* 

Given the solubility, we have seen how we may calculate the S. P. 
Conversely, if we are given the S. P., we can calculate the solu¬ 
bility. 

Example 6, The S. P. of AgCl is 1.2 X lO'i®. Calculate its 
solubility in grams per liter. This problem is the reverse of 
Example 3. 

AgCl dissociates as follows: AgCl ^ Ag^- + Cl- 
Let X = the solubility of AgCl in moles per liter. Since the 
salt is completely ionized, the molar concentration of Ag^ and 
Cl- will each be x. Hence = 1.2 X 10“^® and a; = 1.12 X 10-^ 
mole per liter. But one mole of AgCl = 143.5 grams. Hence 
1.12 X 10-^ mole = 1.12 X IQ-® X 143.5 g. = 0.0016 g. per liter. 

The steps in making a calculation silch as the above are as 
follows: 
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(1) Write the equation for the ionization of the substance. 

(2) Assume x to be the solubility of the substance in moles per 
liter. 

(3) From the equation, determine the concentration of each 
ion in terms of x. 

(4) Write the general expression for the S. P. with the aid of the 
equation. 

(5) Substitute the values for the concentrations of the ions and 
solve for x. 

(6) From the molar concentration, calculate the concentration 
in grams per liter. 

Example 7. The S. P. of Pb 3 (P 04)2 is 1.5 X Calculate 

its solubility in grams per liter. 

Step 1. Pb3(P04)2 dissociates according to the scheme: 

Pb3(P04)2 4=^ 3 Pb++ + 2 P04^ 

Step 2. Let x = solubility of Pb3(P04)2 in moles per liter. 

Step 3. From the equation we see that 

Cpb++ = 3 a: and Cpo*- = 2 x 

Step 4. Cpb-H- X Cpo 4 s = -fi^pb8(P04)i 

Step 5. (3 xY X (2 xf = 1.5 X lO^^^ 

108 = 1.5 X 10-32 = 1500 X 10-«5 

^ X 10-“ = 14 X 10-“ 
lOo 

X =-</U X 10-“ 

fj = 1.5 X 10“'’^ mole per liter approx- 
^ imately 

The solubility in grams per liter = mol. wgt. of Pb 3 (P 04)2 X 
the value of x found above. 

Calculation of the Concentration of the Ions from the Solubility 
Product Constant. From the S. P. constant we can calculate not 
only the solubility of the substance but also the concentration of 
either one of the ions. This is evident from the fact that there is 
always a definite relation between the solubility of the substance 
and the concentration of the ions in a saturated solution. 

Example 8. The S. P. of Mg(OH )2 is 3.4 X IQ-^^ Calculate 
the concentration of OH" in a saturated aqueous solution. 

Mg(OH )2 ionizes as follows: 

Mg(OH)2 4=^ Mg++ + 2 OH- 
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Lot X = CoH- in moles per liter. Then CMg++ — x/2. The 
general expression for the S. P. of Mg(OH )2 is 

CMg++ X CoH- — A^Mg(OH)2 
Substituting the values in this expression, we get: 

^ X = 3.4 X 10-“ 

^ = 3.4 X 10-“ 

A 

0:3 = 68 X iQ-12 

CoH- = x = 4 X 10“^ mole per liter. 

Solubility Product Constants. In the Appendix will be found 

a table of solubility product constants for a number of com¬ 
pounds. They are generally determined from the solubility of the 
substance in pure water. More exact data are obtained by deter¬ 
mining the concentrations of the ions by electrometric methods. 
In dilute solutions, many side reactions take place such as hydroly¬ 
sis, so that indirect methods must frequently be used. Because 
of the difficulties attending their experimental determination, the 
S. P, constants represent values which are in many cases only 
approximate. 

APPLICATIONS OF THE SOLUBILITY PRODUCT 
PRINCIPLE 

In spite of its limitations, the solubility product principle is of 
great value in qualitative analysis, since by its means the analyst is 
not only able to explain but also to predict precipitation reactions. 
The S. P. constant tells us that in a saturated aqueous solution of 
a slightly soluble substance, the ions are present in such concentra¬ 
tions that their product is a constant. * The S. P. constant there¬ 
fore defines the condition of equilibrium. Thus in a saturated 
solution of AgCl we liave 

Cas^ X Cci- = KAgCl 

When the product of Ca^ and Cci- is made greater than the S. P. 
constant by adding some NaCl to the saturated solution, we shall 
momentarily have 

Cak^ X Cci- > 

♦ Each concentration must be raised to the appropriate power, as has been 
already pointed out. 
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and hence, according to the principle of equilibrium, some Ag+ and 
Cl“ must unite to form some solid AgCl until the product of 
and Coi~ again attains the value of the S. P. constant. In the new 
equilibrium which results the value of Cj^ will be smaller than that 
in a saturated solution of AgCl in pure water. The larger we 
make the concentration of Cl“, the smaller C a«+ must become. It 
is, however, impossible to reduce CAg+ to zero, because the product 
of CAg+ and Cci~ must always be equal to the S. P. constant. In 
the case under consideration, as the concentration of the Ch is 
increased, the value of Ca^ approaches zero asymptotically, but 
it can never reach this value. 

Why We Add a Slight Excess * of the Reagent in Precipitation 
Reactions. If to 5 ml. of 0.1 M AgNOs we add 5 ml. of a 0.1 M 
solution of HCl, will AgCl precipitate? To answer this question 
theoretically we need only calculate the coneentrations of Ag'^ 
and Cl“ in moles per liter and if their product is greater than 
A'Agci == 1.2 X lO-^*^, precipitation will take place. Since by 
mixing the solutions, we double the volume, each concentration 
will be reduced to half of its original value. Hence Ca^ and Ca- 
will each be 0.05 M and we have 

0.05 X 0.05 = 0.0025 = 2.5 X lO^^ 

Since this number is greater than 1.2 X 10“^^^, precipitation will 
take place. 

In the above case the Ag*^ and Cl“ were present in exactly 
equivalent quantities. If, therefore, the precipitate of AgCl be 
filtered off, the filtrate will contain Ag+ and Cl~ in equal concen¬ 
trations, their product being just equal to the S. P. constant for 
AgCl. If to this filtrate we add a little dilute NaCl, we shall have 

(^Ag+ X Cci~ ^ K^gci 

and the solution will become turbid (due to the further precipita¬ 
tion of AgCl). It is clear, therefore, that if we wish to precipitate 
a maximum quantity of Ag"^, an excess of HCl must be added. 
A large excess must be avoided, since the latter would form a 
soluble complex ion with the AgCl so that less Ag+ would be 
precipitated. 

* A large excess of reagent must be avoided for two reasons: (1) By its salt 
effect, it would increase the solubility of the substance to be precipitated. (2) It 
would tend to form a complex ion. 
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The Importance of Concentration in Precipitation Reactions. 

When 5 ml. of 0.01 molar AgNOa are mixed with 5 ml. of 0.01 
molar HCl, precipitation of AgCl takes place. If each of these 
solutions is diluted sufficiently to reduce the concentration to 
0.00001 M and the solutions then mixed, will precipitation of 
AgCl take place? On mixing the solutions the concentration of 
Ag"^ and Cl“ will each become 5 X 10“^ But (5 X 10“®)^ = 2.5 
X 10”"^^, which is less than 1.2 X 10“^®. Hence no precipitate 
forms. We have in this experiment the same quantities of Cl“ 
and Ag+ as were present before dilution but their concentratipns 
have been very much reduced. By concentrating the mixed 
solution sufficiently a precipitate of AgCl may be obtained. The 
same result could be obtained by concentrating each of the diluted 
solutions and then mixing them. These experiments clearly 
show the important role that concentration plays in precipitation 
reactions. 

Example 9. To calculate the concentration of the ion necessary 
to yield a precipitate. If we know the concentration of one of 
the ions of a slightly soluble substance and the S. P. constant, we 
can calculate the concentration which the other ion must attain 
before precipitation can take place. Thus suppose a solution 
contains a chloride ion concentration of 6 X 10*^ mole per liter. 
What concentration must the Ag ion have before precipitation 
of AgCl can take place ? 

Z^gci = 1.2 X 10-10 

Let X — cone, of Ag+ 

Then x X 6 X lO'^ = 1.2 X IQ-io 

whence = 2 X 10-* 

The student will note that in this case the concentrations of the 
Ag+ and Cl“ are not equal. Only in a saturated pure water 
solution of AgCl are the ions of Ag and Cl of equal concentration. 

To emphasize this important point we shall take the case of 
Fe(OH) 3 , This substance ionizes as follows: 

Fe(0H)3^Fe+++ + 3 0H- . 

The above equation shows that in a saturated aqueous solution of 
Fe(OH)3, CFe+++ i« ^ CoH- or Coh- = 3 CFe+++* This relation 
between the concentrations of the ions exists only in a saturated 
solution of the substance in pure water. 
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Suppose we have a 0.1 M solution of FeCL and we wish to know 
the concentration of the OH" necessary to yield a precipitate of 
Fe(OH) 3 : 

AFe(OH)s == 1.1 X 

The general expression for the S. P. of Fe(OH )3 is 
X Cln- = l.l X 10-'® 

Let X ~ Cou~j then ^ x is not the concentration of the Fe"^"*"'*"; 
the latter is 0.1 mole per liter. Substituting this value in the above 
equation, we get 

0.1 Xx^ = 1.1 X 10-'® 

:r' = 11 X 10-'® 

X = 2.2X 10-^2 


Supersaturation and Solubility Product. While it is necessary in 
order to cause precipitation, that the product of the concentrations 
of the ions exceed the S. P. constant of the substance to be precipi¬ 
tated, it does not follow that precipitation will ensue immediately 
upon fulfilling this condition, owing to the tendency of certain sub¬ 
stances to form supersaturated solutions. This is notably the case 
where comparatively small amounts of slightly soluble substances are 
to be precipitated. With small quantities (up to 5 mg.) of many 
insoluble compounds such as CuS, NH 4 MgP 04 and BaS 04 , it takes 
from 14 to 48 hours before precipitation is completed; i.e., until a 
condition of equilibrium is reached. Hence for precipitation to take 
place, it is necessary not only that the solubility product be exceeded, 
but for small amounts of substances, a certain time must elapse 
before precipitation starts and then more time must be allowed for 
complete precipitation.* 

Dissolving Precipitates and Prevention of Precipitation. When 
precipitation takes place and the system has come to equilibrium, 
the solution in contact with the precipitate will contain the ions 
of the precipitate in such concentrations as to satisfy the solubility 
product (ionstant. Thus in all solutions ill which CdS is pre¬ 
cipitated, we shall have 

Ccd++ X Ug- = Kcaa 

Now if by the addition of some reagent the concentration of either 
the Cd'^'^ or S’" or both are lowered, then 


X <C Kcds 


^Fales, Quantitative Analyaie, The Century Co. (1926), p. 170. 
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Hence CdS will dissolve to replace the ions removed until the 
ion product again attains the value of the S. P. constant. If the 
reagent present, for example, the HCl, is of such concentration 
that the value of Cs- is kept continually below that which is 
necessary for the solubility product of the CdS to be reached, then 
all the CdS will dissolve. Strong HCl will not only dissolve CdS, 
as explained above, but its presence in a solution of Cd"^"^ will 
prevent the precipitation of the latter as CdS by H 2 S. This is 
what we should expect, since the high concentration of HsO"^ sup¬ 
plied by the strong HCl reduces the Cs- derived from the H 2 S 
(common ion effect) to so low a value, that the S. P. constant for 
CdS cannot be reached. 

We may now briefly summarize the applications of the prin¬ 
ciple of the solubility product as follows; 

(1) In order to precipitate a slightly soluble electrolyte, the 
product of the ions must exceed the S. P. constant (for the given 
temperature). 

(2) When the product is just reached, but not exceeded, the 
solution is saturated. 

(3) To dissolve a precipitate, the product of the concentrations 
of the ions must be kept below the S. P. constant of the precipitate. 

(4) A corollary to 3. To prevent the precipitation of a slightly 
soluble electrolyte some reagent must be present which will keep 
the concentration of one of the ions so low that the S. P. constant 
of the slightly soluble compound cannot be reached. 

Further Consideration of the Solution of Precipitates. Pre¬ 
cipitation and solution are of such fundamental importance in 
qualitative analysis, that it would be well at this point to consider, 
from a theoretical point of view, the various methods available for 
bringing into solution slightly soluble electrolytes. From the 
solubility product principle it must be clear to the reader that in 
every case where a precipitate dissolves by the addition of a given 
reagent, the action consists in lowering the concentration of one 
or both of the ions of the precipitate. 

.The concentration of an ion may be reduced by one of the fol¬ 
lowing methods: (1) Precipitation, i.e., by the formation of a 
slightly soluble compound; (2) Formation of a weak electrolyte ; 
(3) Formation of a complex ion; (4) By a valence change in the 
ion (oxidation-reduction). 
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In dissolving a precipitate, we of course are not concerned with 
the first method. However, we can utilize this method to convert 
a slightly soluble electrolyte into one which is less soluble; e.g., 
if we digest AgCl with a solution of KI, practically all the AgCl 
will be converted into Agl. 

The second method is applicable to the solution of slightly solu¬ 
ble electrolytes which are derivatives of weak acids and bases. 
Thus the solution of CaCOa, FeS or Ca3(P04)2 by HCl is due to 
the fact that H2CO3, H 2 S and H2P04“ are weak acids. The weak 
electrolyte which forms in each case can exist in equilibrium with 
its ions only when the latter are present in exceedingly small 
concentrations. The large concentration supplied by the 

HCl reduces the anion concentration of the solution in each case to 
so low a value that the S. P. constant of the precipitate is never 
reached and hence it dissolves. 

The weak electrolyte, to the formation of which the solution 
of the precipitate is due, need not necessarily be a weak acid. It 
may be a weak base, i leebly ionized salt, a complex ion or water. 
Thus, the solution of Mg(OH)2 in NH4CI is an instance in which 
solution is due to the formation of a weak base. It is the fact that 
Pb(C 2 H 302 )‘*‘ is very little ionized that explains the solution of 
PbS 04 in NH4C2H3O2 solution. And, finally, it is the formation 
of the little-ionized water that causes Mg (OH) 2 to dissolve in HCl. 

Compounds like AgCl and Ag 3 As 04 are dissolved by NH* 
because of the formation of the complex ion Ag(NH 3 ) 2 '^. The 
latter in the presence of an excess of NH 3 yields considerably less 
Ag:^ to the solution than does a saturated aqueous solution of 
either AgCl or Ag 3 As 04 . Hence the concentration of the Ag+ 
is continually kept below the value requisite for the attainment 
of the S. P. constant of AgCl or Ag 3 As 04 and as a consequence 
these precipitates completely dissolve. The same is true for the 
solution of Agl in KCN or Na2S203. 

As an illustration of the fourth method of effecting solution by 
lowering the concentration of one of the ions, we may mention the 
case of CuS when treated with HNO3. The latter by oxidizing 
the S" to S according to the equation 

S-^S + 2e 

keeps' the Cs- below that necessary to satisfy the S. P. constant 
for CuS and hence the latter dissolves. 
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Calculation of the Maximum Quantity of Cd-*^ and Zn+^ 
Which Will Remain Unprecipitated by H 2 S in a 0.3 MHCl Solution. 

The quantity of Cd^"^ which will remain unprecipitated by H 2 S 
will depend (according to the solubility product principle) upon 
the concentration of S”, which in turn will depend upon the 
concentration of the HsO"*" of the solution. The larger the oxonium 
ion concentration (due to the addition of HCl) the smaller will be 
the Cs- and the larger must be the Ccd++ remaining in solution to 
satisfy the S. P. constant for CdS. Conversely, the smaller the 
Chzo+ of the solution the larger will be the Ca- and the smaller will 
be the Cca-^ remaining in solution. In order to precipitate CdS, 
the S. P. constant of the latter must be satisfied. 

Ccd^+ X Cs- = 3.6 X 10-29 


Now in 0.3 M HCl saturated with H 2 S, Cs- was calculated to have 
a value of 1.2 X IO -22 mole per liter (see p. 66). Substituting* 
this value in the solubility product equation above, we get 

Ccd++ = ^ ^ 

The atomic weight of Cd = 112.4; hence Ccm++ = 112.4 X 3.0 
X 10“^ = 337 X 10-^ g. per liter = 337 X 10-’ mg. per ml. == 
337 X 10"^ mg. per 100 ml. or approximately 0.003 mg. Cd+'** 
per 100 ml. 

Hence the precipitation of Cd^+ by H 2 S in a 0.3 M HCl solu¬ 
tion is fairly complete. 

In a similar manner we can calculate the maximum quantity 
of Zn^^ which will remain unprecipitated by H 2 S in a 0.3 M HCl 
solution. We have 


Czn^-^ X Cs- = KznS = 1.2 X 10-23 
Substituting the value for Cs- = 1.2 X 10-22^ we get 
1 9 V in-23 

= ;~o G VW ai = 1 X 10-‘ = 0.1 mole per liter 
1.2 X 10“ 

Since the atomic weight of Zn is 65, we have 

CziH^ = 65 X 0.1 = 6.5 g. Zn^-^ per liter 
= 6.5 mg. per ml. 

= 650 mg. per 100 ml. 
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The quantity of Cd'^+ which remains unprecipitated may also be 
calculated as follows: The precipitation of CdS is simultaneously con¬ 
trolled by 2 equations; one giving the solubility product relation and the 
other the concentration of in a solution saturated with H 2 S. They are 

Cc(i++ X = 3.6 X (1) 

CLo+ X Cs- = 1.1 X 10-“ (2) 

Dividing (1) by (2) we get Ccd+t = (^u,o+ X - f f ^ ” (3) 

1.1 X 

From (3) it is evident that the Cca++ remaining in solution is directly 
proportional to the square of the concentration of the In 

0.3 M HCl, CHao+ = 0.3. Substituting this value in (3), we get 

Ccd++ - (0.3)2 X 3 3 X 10“® = 3 X 10“^ mole per liter. 

With the aid of the above principle w^e can cahailate the concen¬ 
tration of H 3 O ^ necessary to prevent the precipitation of a definite 
quantity of a metallic ion as sulphide. 

Example 10. What concentration of will be necessary to 

prevent the precipitation of CdS from a solution (containing 100 mg. 
of Cd'^+ per liter? 

•K’uas in a sat. solution == 1.1 X 10”23 and Acds = 8.6 X 10 ~ 2 », 

Cca++ = = 9X10“^ mole per liter 

112.4 


Substituting in equation (3) above, we get 


9 X 10“^ X 1.1 X 10- 


3.6 X 10-29 
Ch 30 + = 16 moles per liter 


= 2.7 X 10^ = 270 


Fractional Precipitation. If to a solution containing and 
Sr++ we add dilute sulphuric acid dropwise, which sulphate will 
precipitate first? This question can be answered with the aid of 
the solubility product principle. In a solution saturated with 
BaS 04 and SrS 04 the following solubility product relations 
must simultaneously hold. 

Cbe-H- X CsOi” == -K^BaSOi (1) 

Cer++ X CsOi^ — KsrSOi (^) 

C&or will have the same value in both equations, since it is the 
total S 04 "* concentration of the solution saturated with both salts. 
Dividing (1) by (2) we have 

^ XBaB04 ^ 1.1 X 10-^^ ^ JL 
Csr^ -K:srS04 2.8 X lO^^ 2500 
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Equilibrium will be established in a solution saturated with 
BaS 04 and SrS 04 when the Csr++ is 2600 times that of the Ba++. 
Three cases may arise: 


(I) 


CsrHf 2500 


To reach the equilibrium ratio, the value of the fraction must be 
lowered. This may be accomplished either by reducing the nu¬ 
merator or increasing the denominator. Since the latter cannot 
be increased, we find that on adding H 2 SO 4 to such a solution, 
Ba+'^ precipitates as BaS 04 until the value of CBa++ becomes 
of that of Csr-h+. 


(ID 


Osa-M- ^ 1 

Csr++ 2500 


For the equilibrium ratio to be reached, it is obvious that the 
gr++ will precipitate first as sulphate until the Csr++ is reduced to 
a value which is 2500 times the concentration of Ba+'+'. 


(IID 


2500 


On adding H 2 SO 4 to the solution, both ions will precipitate in the 
ratio of one mole of Ba"^"^ to 2500 moles of Sr^"^. This rate of pre¬ 
cipitation is necessary in order to maintain the equilibrium ratio. 

Another and simpler method of calculating which of two compounds 
will precipitate first on adding a reagent capable of precipitating both, 
is to calculate, with the aid of the S. P. principle, which of the two 
compounds will require the smaller concentration of the ion causing 
precipitation. An example will make this clear. 

Example. A liter of solution contains 50 mg. each of Ag^ and Pb++. 
On adding K 2 Cr 04 drop by drop which metal will yield a precipitate first. 

/^Ag^cro. = 1.7 X Kpbcro, = 1.8 X 10^^^ 

We shall first calculate the minimum concentration of Cr 04 ’" re¬ 
quired for each chromate to precipitate. This, of course, will depend 
upon the solubility products of the chromates to be precipitated as 
well as upon the concentration of the metal ions. The one requiring 
the lower concentration of Cr04“ to satisfy its S. P. will evidently 
be the first to precipitate. 

^ = 4.6 X 10- m/1; ^ = 2.4 X 10- m/1 

The general expressions for the S. P.'s are 

X CcrOi- ~ I^Ag*Cr04 = 1.7 X lO*"** 

Cpb++ X Ccror ~ == 1.^ X 


( 1 ) 

( 2 ) 
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Substituting the values for CAg+ and Cpb++ in ( 1 ) and ( 2 ) respectively, 
we get 

C'cro.- necessary to ppt. AgzCrOi = , = 8 X lO"' 

(4.6 X 10“^)* 

Ccror necessary to ppt. PbCr 04 = ' 24 ^ ^ 

Since 7.5 X 10““ is smaller than 8 X 10“®, the S. P. of PbCr 04 will 
be satisfied first and hence Pb will be the first to precipitate. 

PROBLEMS 

( 1 ) The solubility of Ag 3 P 04 is 6.5 X 10”® g. per liter. Calculate 

its S.P. Ans, (3 X 1.6 X 10“^)® X (1.6 X 10“^) - 1.8 X 10“‘». 

( 2 ) The solubility of Pb 3 (P 04)2 is 1.4 X 10”^ g. per liter. Calculate 

its S. P. Ans, (3 X 1.7 X 10”7)* X (2 X 1.7 X lO”^*- 

(3) The S. P. of CuS is 8.5 X lO"^®; that of BLSa is 0.57 X 10“®®. 

Which gives the lower concentration of S ions in a saturated aqueous 
solution? Ans. CuS. 

(4) The solubility of CaS 04 is 2 g. per liter. That of Ag 2 S 04 is 8 g. 
per liter. Calculate the SO4 ion concentration in moles per liter given 
by each salt in its saturated aqueous solution. 

Ans. Csoi- from CaS 04 = 1.5 X 10“*; 

C 8 O 4 - from Ag 2 S 04 = 2.6 X 10“*. 

(5) The solubility of PbCL is 11 g. per liter. Calculate its S. P. 

Ans. 2.6 X 10“L 

(6) The solubility of CaF 2 is 2 X 10"* mole per liter. Calculate 

its S. P. Ans. 3.2 X 10* “ 

(7) What concentration of C2O4" is necessary just to precipitate 

CaC 204 from a saturated solution of CaS 04 ? Kcsso* = 2.3 X 10“*; 
^cacjoi = 2.6 X 10“®. Ans. 1.7 X 10“^ mole per liter. 

(8) The solubility of BaS 04 is 2.5 X 10"® g. per liter. Calculate 

its S. P. Ans. 1.1 X 10"i®. 

(9) Calculate the maximum quantity of Cd (mg. per 100 ml.) which 
will remain unprecipitated by H 2 S in a 3 M solution of HCl. 

Ans. 0.34. 

(10) The S. P. of FeS is 3.7 X 10"“. Calculate the maximum 

quantity of Fe (mg. per 100 ml.) which will remain unprecipitated by 
H 2 S in a 0.3 M HCl solution. Ans. 1.7 X 10\ 

(11) The S. P. of MnS is 1.4 X 10"*^ Calculate the maximum 

quantity of Mn (mg. per 100 ml.) which will remain unprecipitated 
in Group 2. Ans. 6.6 X 10^® mg. 
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(12) Given a 0.1 M solution of MgS 04 . Calculate the Coh- neces¬ 
sary to precipitate Mg(OH) 2 * AMg(OH )2 — 3.4 X 10 “‘^ 

For Mg(OH )2 to precipitate 


Hence 


CMg++ X CoH- 


CoH- 

CoH- 


— AMg(OH)2 

^ 3.4 X 10-^^ 

0.1 

= 1.8 X 10-s 


3.4 X lO-i*' 


(13) If to a 0.2 M solution of MgS 04 there be added an equal volume 
of 0.2 M NHa, will precipitation of Mg(OH )2 take place? Anhj 
- 1.8 X 10“^ AMg(on )2 - 3.4 X 

Mixing 0.2 M Mg 8()4 'with an equal volume of 0.2 M NIL will 
Imve the effect of reducing the concentration of each solution to one- 
half of its original value, since the volume of the mixture is twice that 
of each solution before mixing. Since = 0.1 M, Cqu- = 1.4 

X 10(see Problem 1 , p. 00). This value for Coh- is greater than 
1.8 X 10 hence it will precipitate Mg(OH) 2 . 

(14) If sufficient solid NILCl be added to the NHs in Problem 13 
to make the concentration of NILCl 0.25 M, when the NH 3 and 
Mg solutions are mixed, will precipitation of Mg(OH )2 take place? 

It was shown in Problem 13 that Coh- in a 0.1 M NHs solution 
is 1.4 X 10"^ mole per liter. This concentration will be diminished 
by the presence of NILCl (common ion effect). 

== CnhiOi = 0.25 M. The problem now resolves itself into 
finding the extent to which the C^h- in 0.1 M NHs is reduced by the 
presence of 0.25 ilf NHi^. 

Let X = cone, of OH*” 

Then (see p. 05) 

1.8 X 10-s 

^ X ]0-'- = 0.7 X 10-' 

0.25 


X X 0.25 _ 
(U “ 

X ~ 


(15) Ten ml. of a solution containing 1 mg. Fe^'''+ are mixed with 

an equal volume of 0.1 M NH 3 . Show by calculation whether or not 
Fe(OH) 3 will precipitate. = LI X 10-'^^ Anh 3 = L 8 X 10“^ 

(16) The 8 . P. of AgCl is 1.2 X 10 ”^°. Calculate the concentra¬ 
tion of the Ag ion in a saturated aqueous solution. State answer in 
terms of (a) moles Ag^ per liter; ( 6 ) mg. Ag+ per ml. 

Ans. (a) 1.1 X 10“^ mole per liter; ( 6 ) 1.3 X 10~^ mg. per ml. 

(17) Ag 2 S is soluble in water to the extent of 8.7 X 10“^® g. per 

liter. Calculate its S<-P. Ans. 1.6 X 10““*®. 

(18) A liter of solution contains 500 mg. Ag+ and 5 mg. Pb^'*'. If 

to this solution we add K 2 Cr 04 drop by dr 6 p, which metal will pre¬ 
cipitate first? Ans, Pb. 



COMPLEX IONS 


83 


(19) The S. P. of Ag3P04 is 1.8 X lO-^s. That of Ag 2 Cr 04 is 

1.7 X 10 “i 2 ^ Which gives the lower concentration of Ag+ in its sat¬ 
urated aqueous solution? Ans. 

(20) The S. P. of PbCl 2 is 2.5 X 10“'*. Calculate the concentration 
of Pb'^+ in mg. per ml. in a saturated aqueous solution. 

Ans. 8.2 mg. per ml. 

(21) If instead of water, in Problem 20, we were to use 3 M HCl, 
what would be the concentration of Pb++? 

Ans. 5.8 X 10“'’ mg. per ml. 

(22) To a saturated aqueous solution of AgCl sufficient HCl is added 
to make the latter 0.2 M. Calculate the concentration of the Ag+. 

Ans. 0 X 10“^’’ mole per liter. 

(23) The S. P. of AgCl is 1.2 X 10~*®. If to the saturated aqueous 
solution we add sufficient KCl to make the latter 0.1 M, to what 
extent will the (7Ag+ be reduced ? 

Ans. Reduced from 1.1 X 10“^ to 1.2 X 10“^ or about 9000 times. 
COMPLEX IONS 

Complex ions are so frequently formed in analytical separations 
and identifications, that it would be well to give some special 
attention to this subject. There arc probably more complex ions 
than simple ones, and if all ions are hydrated, then there are no 
simple ions. A complex ion is formed by the union of a simple 
ion with either neutral molecules or other ions. Examples of the 
first class are [Ag(NH 3 ) 2 ]“^ and [Cd(NHa) 4 ]"^'^ formed by the union 
of Ag+ and Cd’^“‘' respectively with NH 3 molecules. Complex ions 
of the second class are Ag(CN) 2 “, HCOs" and HP 04 “. The forma¬ 
tion of these is shown in the following equations; 

Ag+ + 2 CN-- Ag(CN)2- 
C03= + H+ ^ HCO3- 
P 04 ^ + H+ ^ HPO4- 


It is customary to consider the ions SO 4 '", NOs", CIOs'” and CN"* 
as simple ions, though of course they may be regarded as complex.* 
The NH 4 '*' may also be regarded as a complex resulting from the 
union of NH 3 and H'^. 

* Thus S04“ and P04= may be considered as composed respectively of S“° and 
, each coordinated with 4 atoms of oxygen. Thus 
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When ammonia solution is added in sufficient quantity to 
AgCl, the latter dissolves, owing to the formation of a complex 
ion. Experiment shows that the composition of the complex ion 
is correctly represented by the formula [Ag(NH 3 ) 2 ]'^ and that it 
carries a positive electric charge. The formation of the complex 
ion is due to the combination of Ag+ derived from the AgCl, with 
2 molecules of NH 3 . Thus 

AgCl ?::± Ag+ + Cl- 

+ 

2NH3 

it 

[Ag(NH3)2]+ 


The ammoniacal solution always contains some Ag+ due to the 
reversal of the reactiijii. 

[Ag(NH 3 )o]+ ^ Ag+ + 2 NH 3 


Applying the law of chemical equilibrium to the above reaction 


we get 


^Ag(Nll3)2+- 


( 1 ) 


K, the equilibrium constant, is also called the dissociation constant, 
since it indicates the extent of the dissociation of the complex ion. 
The smaller the constant the more stable is the complex ion. The 
value for K in (1) was found by Bodlander to be 6.8 X 10~®. 
It is clear from equation (1) that the concentration of Ag+ which 
can exist in equilibrium with NH3 is inversely proportional to the 
square of the concentration of NH3. The greater the concentra¬ 
tion of the latter the smaller will be the concentration of the Ag+. 

The concentration of Ag+ available from AgCl is controlled by 
the solubility product relation, viz., 

Cxg+ X Cci- = XAgci (2) 


It is the concentration of Ag*^ in a saturated aqueous solution 
of AgCl. The Ag'*' concentration in equation (2) is very much 
greater than that which can exist in equilibrium with NH 3 ; 
hence the excess of Ag+ unites with the NH 3 * to form some 
(Ag(NH 8 ) 2 ]'*'- The lowering of the CAg-n in this manner will cause 
the product of CAg+ and Coi- to fall below the S. P. constant of 
AgCl and more AgCl must dissolve. Again the becomes too 
great to exist in equilibrium with the NHg present and as a conse- 
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quence more [Ag(NH 8 ) 2 ]‘^ must form and this process will con¬ 
tinue until all the AgCl is dissolved or until practically all the 
NHa has been converted into [Ag(NH 3 ) 2 ]'^. Briefly, then, AgCI 
dissolves in NH3 because Cas^ in (2) is greater than in (1). 

Silver bromide is less soluble in water than AgCl; for this 
reason AgBr dissolves only slightly in dilute NH3 but to a much 
greater extent in concentrated NH3. It dissolves only slightly in 
dilute NH3 because the CAg+ in a saturated aqueous solution of 
AgBr is only slightly larger than CAg+ in (1). The action comes 
to a standstill after a little AgBr dissolves because, owing to a 
slight increase in the concentration of Br~, the must be re¬ 
duced correspondingly and it soon reaches a value which just 
satisfies (1). When, however, the concentrated ammonia solution 
is used, the value of CAg+ in (1) is so much reduced that it is con¬ 
siderably lower than CAg+ derived from AgBr; hence more of the 
AgBr dissolves in spite of the accumulation of Br~. Silver iodide, 
on the other hand, is considerably less soluble in water than AgBr; 
hence it does not dissolve appreciably even in strong NHs. 

From the foregoing, it follows that from a dilute ammoniacal 
solution of AgCl, AgBr may be precipitated by adding KBr. 
Also that an ammoniacal solution of AgCl or AgBr will yield a 
precipitate of Agl when treated with KI. Also that the addition 
of a moderate quantity of NaCl to an ammoniacal solution of 
AgCl will cause the reprecipitation of AgCl; because under these 
conditions the concentration of Ag+ required to satisfy the S. P. 
constant of AgCl will be considerably reduced and may be made 
smaller than that necessary to satisfy (1). Similar ammonia 
complex cations are formed by Cu"^"^, Cd++, Ni++, Co'^’^ and Zn++. 

Cyanide Complexes. The cyanide ion also possesses the prop¬ 
erty of forming complex ions. In the latter the metal forms part 
of the anion. Thus 

Ag+ + 2CN--^Ag(CN)2- 

This complex ion is extremely stable, as is shown by the small 
value of its dissociation constant (10~^^). The solution containing 
this complex ion contains so little Ag+ that Cl~, Br*" and I~ fail 
to yield a precipitate. However, a soluble sulphide will yield a 
precipitate of Ag 2 S, provided a large excess of KCN is not present. 
With Cu^"'^ ions an excess of CN“ yields finally a solution contain¬ 
ing the complex cyanide ion of Cu+, viz., Cu(CN) 3 "*. The fact 
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that H 2 S does not precipitate copper sulphide from this complex 
affords an idea of its extreme stability. All the insoluble com¬ 
pounds of copper therefore dissolve in KCN, because none of these 
(K)mpounds yields a copper ion concentration less than that given 
by the complex. Cadmium ion also forms a complex cyanide 
ion of the formula [Cd(CN) 4 ]^; but it is very much less stable 
than the corresponding copper complex (see table of constants 
below), so that on treatment with H 2 S, a precipitate of CdS is 
formed, even in the presence of excess CN“. 

Other complex cyanide ions are: re(CN) 6 “"", Fe(CN) 6 ^, 
Co(CN) 6 ^-, Ni(CN)r, Zn(CN)r and Hg(CN)r. The Fe(CN) 6 - 
pn‘S(‘nt in potassium f(‘rricyanide solutions fails to give a test 
for Fc+'*"^ with KCNS despite the extreme sensitiveness of the 
reagent. We conclude, therefore, that the dissociation of the 
complex according to the equation 

Fe(CN)a- 4 =:^ Fe+++ + 6 CN- 

proceeds only to a very minute extent. Since the above reaction 
is reversibh^ it should be possible to increase the concentration of 
P 0 ++ 4 - \yy removing some of the CN“. This can be done by adding 
a strong acid which will unite with CN“ to form the ex¬ 
tremely weak HCN (Xhcn = 7 X If KCNS and ether are 

now added, a faint pink color will be seen in the ether layer showing 
the presence of Fe+'‘"'^. 

Halide Complexes. A number of metal ions form complexes 
with halide ions, e.g. [AgCb]”, [PbCU]^, [HgCh]-, [CdClJ* 
(CoCl 4 ]“, [SnCle]”, [SbClc]-, [SbCle]-, [AuCU]-, [PtCU]-, [FeFJ-, 
[AlFe]-, [SiFc]-. 

Hydroxide Complexes. When NaOH is added in small amount 
to solutions of Al, Cr, Zn, Pb, Sn and Sb, the hydroxides of these 
metals are precipitated. The addition of more NaOH results in the 
formation of the following soluble hydroxide complexes: [Al(OH) 4 ]“‘ 
(aluminate ion), [Cr(OH) 4 ]“ (chromite ion), [Zn(OH)4]"“ (zincate 
ion), [Pb(OH) 3 ]'“ (plumbite ion), [Sn(OH) 3 ]“ (stannite ion), 
[Sn(OH)6]“ (stannate ion). The precipitated hydroxides may be 
regarded as ampholytes. However, the hydroxides of antimony 
and tetravalent tin do not dissolve readily in acid unless chloride 
or some other anion is present to yield other complexes; these 
hydroxides possess basic properties only to a slight extent. In 
fact, it is only in the form of complex ions that the compounds of 
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tri and pentavalont antimony as well as tetravalent tin can exist 
in solution. 

Aquo Complexes. As we have already stated, there appears 
to be good reason for considering all ions as hydrated. W Ink' the 
precise d(‘gree of hydration is not definitely known, in many cases 
it is not inconsistent with other known and related facts to assign 
definite formulas to some of these water complexes. Typi(*al of 
these are: H3O+, [Zn(H 20 ) 4 ]++ [A 1 (H 20 )J+++ [Xi(H 20 ),]++ 

[S 04 (H 20 )]- and [Sn(H 20 ). 3 ^-^. 

Sulphide Complexes. The fact that certain nu'tal ions form 
sulphide complex(^s is made use of in separating these metals from 
those which do not form them. Thus Hg, As, Sb and Sn form the 
following complexes: [HgSo],"" [AsS 2 ]“, [AsSa]*^, [AsS 4 ]~^, [Sl) 82 j~, 

[SbSa]-, [SbS 4 ]-, [SnSJ-. 

Complex Oxalates. On adding K2C2O4 to a solution of FeCb, a 
grecaiish solution is fornu'd due to the i:)resence (i‘ the complex 
ferric oxalate ion [Fe(C 2 t) 4 ) 3 ]=: 

3 C 2 O 4 - + Fe+^^- ^ [Fe(C204)3] = 

The solution containing an excess of 0204 “ gives no test for 
with either KCNS or K 4 F('(CN)g. On the other hand, it does 
yield a precipitate of Fe(()H )3 wiien treated with NaOH. Evi¬ 
dently the Cfc+Hj wiiile insufficient to exceed the S. P. constant 
of Fe 4 [Fe(CN)()l 8 and the ionization constant of [Fe(CNS)6]"~, is large 
enough to exceed the S. P. constant of Fe(OH);{. On adding a 
strong acid (HsO'^) the slightly ionized HC 204 ~ is formed promoting 
the ionization of the comi)lex so that sufficient Fe++^' is formed to 
give a test with l\ 4 Fe(CN )6 and KCNS. On adding an excess of 
FeCla to a solution of the complex ion [Fe( 0204 ) 3 ]^, the com^en- 
tration of the 0204 "^ ion is reduced to so low a value that a precipi¬ 
tate of CaC 204 fails to form on adding CaCL. 

Tartrate Complexes. Certain non-volatile organic compounds 
containing alcohol (OH) groups, such as tartrates, form com j)!ex 
ions wdth various metals. In these, the metal replaces the H in 
the alcohol group and thus appears in the aedd radical as a com¬ 
plex anion (see reaction 1 under Aluminum). Such complexes a 10 
exceedingly stable and yield very low concentrations of the sim|)le 
metal ions. It is for this reason that in volatile organic matter 
is destroyed before proceeding with the systematic detection of 
the metals. 
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Table VII. Complex Ions 


Complex Ion 

Dissociation Constant 

[Ag(NH,)2C 

6.8 

X 

10~8 

[Ag(CN),]- 

1 

X 


[Ag(SA).] ^ 

1 

X 

lO-i* 

[Cd(Nn,)4i* + 

1 

X 

10-^ 

[Cd(CN),l- 

1.4 

X 

10-17 

[Cu(CN),]- 

5 

X 

10-28 

[HgCl,]- 

6 

X 

10-17 

[Hg(CN)4l- 

4 

X 

10-42 

[Zn(NH,),l^- 

2.6 

X 

10-10 


Experimental Determination of the Equilibrium Constant of a Com¬ 
plex Ion. When known amounts of solutions of AgNOs and NHs are 
mixed, [Ag(NH 3 ) 2 ]^ is formed according to the equation 

Ag+ + 2 NHa ^ [Ag(NH3)2]^ (1) 

This equation shows that in the formation of the silver ammonia com¬ 
plex, one mole of Ag^ unites with 2 moles of NHs to yield one mole of 
(Ag(N 113 ) 2 ]^. Applying the law of chemical equilibrium to (1) we get 

X 

CiAg(NHa)2l+ 

In such a solution, we can determine Cakh- by the use of a suitably 
arranged concentration cell. Now the difference between this value 
and the total concentration of Ag+^ will give the concentration of Ag"^ 
which was used up in forming the complex and as one mole of Ag"*” 
yields one mole of the complex this difference will be the concentration 
of the complex. Equation (1) shows that the Cnh, used up in the 
formation of the complex is twice the concentration of the complex. 
If now this value, i.e., twice the concentration of the complex, be 
subtracted from the total Cnhs which we know, the difference will be 
the concentration of the NH3 of the solution. We now have all the 
terms in equation (2) and by substitution we can calculate the value 
of X. 

CALCULATIONS 

Example 1. Calculate the Ca^^ in a 0.05 M [Ag(NH 3 ) 2 ]‘^ solution. 
Assume that in the formation of [Ag(NH 3 ) 2 ]^ an excess of NH3 was 
avoided. XfAK(NH 3 ) 2 ]+ = 0.8 X 10*^. The equation for the dissociation 
of the complex is 

[Ag(NH8)2]^?=iAg^ + 2NH3 

At equilibrium we have 

. X Cnh3 _ 0 g ^ 

C lAg(NHa)sl-^ 


( 1 ) 

( 2 ) 
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Let X = (7Ag+; then according to equation (1) 2 a; = Cnh»- And 
since so little [Ag(NH 3 ) 2 ]‘^ dissociates, as indicated by the numerical 
value of its dissociation constant, we may consider C[Ag(NHa)!i+ 0.05 
without appreciable error. Substituting these values in ( 2 ), we get 


X X (2 xy 
0.05 
4 x^ 

whence x 
Cnhs 


= 6.8 X 10-« 

0.34 X 10-« 

0.08 X 10-® = 0.8 X 10- 
0.9 X 10-3 g X 10-^ = 
2 a: = 1.8 X IQ-^ 




Example 2, Suppose in the preparation of 0.05 M [Ag(NIl3)2] ^ an 
excess of NH 3 were used, making the resulting solution 5 M with respect 
to NH3. From the data in Example 1 , calculate 

The equilibrium equation for the complex clearly shows that the 
will be inversely proportional to Cnhi- Hence as we increase 
Cnhj» we should expect Ca^^ to be considerably reduced. Substi¬ 
tuting the value * for Cnh* in ( 2 ), we get 


X X (5)" 

0.05 


= 6.8 X 10-® 


X = ^ X 10^ = 1.4 X 10-“> 
25 


Example 8, On adding 1 ml. of 0.1 M NaCl to 10 ml. of 0.05 M 
[Ag(NH 3 ) 2 ]‘‘' will precipitation of AgCl take place ? AAgci = 1.2 X 10-^°, 
To answer this question, we need only calculate the concentrations 
of Ag'^ and C1-, for it is their product which determines whether or not 
AgCl will precipitate. Mixing the two solutions will reduce their 
concentrations. Since the total volume is 11 ml., the concentrations 
of the solutions of Cl” and [Ag(NH 3 ) 2 ]^ will be reduced respectively to 
1/11 and 10/11 of their original concentrations. Hence 

Cci- = ^ X 0.1 Af = 0.009 M 

and C,Ag,NH.).)+ = ^ X M = 0.045 M 

Substituting the value of C(Ag(NH 8 ) 2 i+ (2), we get 
= 6.8 X 10-« 

0.045 

4 = 0.306 X IQ-® 

= 0,076 X 10-« = 0.76 X 10-» 
a: = 0.9 X lO"* = 9 X 10“^ = Cj^ 

Multiplying Ca^ by Cci-, we get 

9 X 10-^ X 9 X 10-3 = g.i X 10-3 


Since this value is > 1.2 X 10-'°, precipitation of AgCl will take place. 

* From Example 1, the Cnh* should be 2 a;-t- 6, but 2 x is so small compared with 
6 that it will be sufficiently accurate for our purpose to write the cone, of NHa as 5 M, 
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Example 4- Calculate the Cnhs necessary to prevent the precipita¬ 
tion of AgCl when 1 ml. of 0.1 if NaCl is added to 10 ml. 0.05 M 
[Ag(NH3)2]^ 

The Cc.i~ of the solution (see Example 3) was found to be 9 X 10~'^ M; 
hence the maximum CAg+ which can exist in this solution without giv¬ 
ing a precipitate of AgCl will be according to the solubility product 
principle 


_/varci__ _ 1.2 X 10- 
9 X 10-'» 9 X 10-'‘ 


1.3 X 10-» 


We need now only calculate what concentration of NIL a solution of 
0.045 M [Ag(NH 3 ) 2 ]^ * must have to yield this concentration of Ag'*'. 
This can be readily done by substituting the values for and 
CiAgcNHa;^]- in the equilibrium equation (2). By doing so we get 


1.3 X 10-^ X 0-- 
0.045 


= 6.8 X 10-» 


„ 0.306 X 10-8 

^ 1.3 X 10-8 

a- - 0.48 M 


0.23 


Cyanide Complexes. When sufficient CN* is added to Cd++, the 
complex [Cd(CN) 4 ]^ is formed according to the equation 

Cd ' ^ 4 4 CN- [Cd(CN)4j - (1) 

In such a solution the e(|uilibrium relation between the ionic species 
present is given by the following equation: 

X = 1.4 X 10-^^ (2) 

Example 5. What is the in a 0.1 M solution of [Cd(CN) 4 ]”? 
Let X = Cc(i++, then 4 x will be the Ccn-- The cyanide complex 
is very stable, i.e., it dissociates very little (reverse of equation 1); 
hence we may with little error designate by 0.1 M, Sub¬ 

stituting these values in equation (2), we get 

= 1 4 X 10“*L whence x = 9 X 10“® 

and CcN- = 4 x = 3.6 X 10-^ 

Example 6. If in Example 5 the solution contained an excess of 
CN” equal to 0.3 Af, what would be the Ccu-h- of the solution? 
Substituting the values in (2) we get 

= 1.4 X 10 

whence x = = 1.7 X 10->« 

8.1 X 10-» 

* For the calculation of this concentration see Example 3. 
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Example 7, If the solution in Example 6 is treated with HgS, will 
CdS be precipitated? iCcds = 3.6 X Assume that the solu¬ 

tion on treatment with H 2 S has the same CV as that in a 0.1 M NaaS 
solution, i.e., 9 X m/1. Multiplying the Ccd++ (as calculated in 
Example 6) by (V = 9 X we get 

1.7 X 10-i« X 9 X lO-** - 1.6 X 

This value is greater than 3.6 X 10““®, hence CdS will precipitate. 

Example S. A 0.1 M solution of [Cu(NH;}) 4 ] is treated with an 
excess of powdered KCN sufficient to conv(Tt all the ammonia com¬ 
plex to the corresponding cyanide complex, [ru(CN) 3 ]"”, and in addition 
to provide the solution with an excess of CN" equal to 0.3 M. Show 
by calculation that when this solution is treated with H 2 S, no precipita¬ 
tion of CuaS takes place, ivcuis == 2 X 10“^^. Assume that the CV 
of the solution saturated with H 2 S = 9 X 10“'^ m/1. 

The cuprous cyanide cornjdex dissociates according to the following 
equation: 

[Cu(CN);J“ Cu+ + 3 CN“ 

At equilibrium we should have 

^ cvi->- X CcN - _ ^ y 10“^ 

C(Cu(ON)8r 

A 0,1 M [Cu(N 1L)4]^ + will yield 0.1 M [CuCCN)^]”. Substituting the 
values in the above equation, we get 

£ .. y , = 5 X 10 -“ 

0.1 

whence .r = X 10-=" = 1.8 X 10-” = C'c„+ 

0.027 

The general expression for the solubility j)r()duct of CU 2 S is 
C ru+ X Cs — Ac^uaS 

Substituting the values for Ccu+ and Cs rcsJ) 0 (‘ti^'cIy, we have 
(1.8 X 10'2')2 X 9 X 10-3 = 3,24 X 10"’'* X 9 X lO' ^ 

= 29.16 X lO-'*' = 2.9 X 10-^« 

This value is le ss than the solubility product of CU 2 S; hence the latter 
will not precipitate. 

THEORY OF THE SOLUTION OF SULPHIDES IN 

ACIDS 

In a saturated aqueous solution of ZnS, there are pre.sent Zn++ 
and S’” ions in such concentrations that 

Czn++ X Cs= = ACznS 

Now in order for ZnS to dissolve, it is necessary that the product 
of the molar concentrations of Zn^""^ and S=“ of the solution shall be 
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numerically less than the solubility product constant for ZnS. 
This condition can be fulfilled by lowering the concentration of 
either or both of the ions. When HCl is added to ZnS, the ionic 
equilibria may be represented as follows: 


ZnS 


Zn++ + S“ 1 

+ H3O+J 


^H20 + HS- 
+ H3O+ 


H 2 O + H 2 S (dissolved) 

ti 

H 2 S (gas) 


HS“" and H 2 S are weak acids and their successive formation from 
HsO"*" and S” will depend upon the respective concentrations of these 
ions in solution. In an aqueous solution of H 2 S the equilibrium 
equations regulating the concentration of HS”* and H 2 S are: 

X Us- _ UHaO+ X ChS" _ 

Uiis- UhjS 


Hence, in the formation of HS““ and H 2 S, the constants K 2 and Ki 
must be satisfied in the order named. It will simplify the discus¬ 
sion if instead of considering separately the conditions for satisfy¬ 
ing each of these constants, wo employ the expression resulting 
from a combination of the two equations, viz., 

= K (2) 

bnjs 


According to the above eg[uation, the larger the value of (7 h 30+ the 
smaller will be the S" concentration which can be in equilibrium 
with it. In the case under consideration, the HCl supplies to the 
solution such a high concentration of HsO^ that the S” concentra¬ 
tion that can exist with it is exceedingly small and very much 
smaller than that supplied by a saturated aqueous solution of ZnS. 
Hen(;e, some S" unites with HaO"** to form successively HS“" and 
H 2 S. The removal of some of the S“ from the solution will make 
the product of the concentrations of Zn++ and S" lower than the 
S. P. constant of ZnS and hence more ZnS must dissolve until the 
S. P. for ZnS is again satisfied. The S" concentration so attained 
is again greater than that which can remain in equilibrium with 
the high concentration of HaO"^ of the solution, and, as a conse¬ 
quence, more H 2 S is formed. Again, the product of Czn-H- and Cs- 
falls below the S. P. constant for ZnS and more ZnS must dissolve. 
In this process the Zn”^*^ increases in concentration, and since ZnS 
Ls less soluble in a solution containing Zn^"*" than it is in pure water, 
it follows that as the solution of the sulphide takes place, the S* 
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concentration will progressively diminish. It would seem that the 
S” should finally attain a value just sufficient to satisfy the ioniza¬ 
tion constant for H 2 S, when the reaction should stop. But owing 
to the liigh concentration of the HaO"^,* as well as the relatively 
large solubilityt of ZnS in water, the concentration of the S“" of the 
solution never reaches a value as low as the equilibrium sulphide 
ion concentration (equation 2 ) and as a consequence the reaction 
proceeds in the presence of an excess of acid until all the ZnS is 
dissolved. The same considerations apply to the solution of MnS 
and FeS in HCl, since these sulphides are even more soluble in 
water than ZnS. 

Why CuS Is Practically Insoluble in HCl. Experiment shows 
that only a very small quantity of CuS dissolves in strong IICl. 
Evidently this must be due to the fact that the reaction reaches a 
state of equilibrium after proceeding to a very small extent. The 
ionic equilibria are similar to those for the solution of ZnS. 

H 2 O + H 2 S (dissolved) 

Ti 

H 2 S (gas) 

In this case as with ZnS, solution is possible only by the forma¬ 
tion of some HS“" or undissociated H 2 S. Hence, since a slight 
amount of CuS dissolves, we may conclude that some HaO"^ unites 
with S“. Why does the reaction stop after proceeding to a slight 
extent? Evidently because in spite of the high concentration of 
HaO+, the S“ concentration is quickly reduced to a value which just 
satisfies the ionization constant for HS“ or H 2 S. The closer the 
S“ concentration derived from the sulphide approaches the value 
for Cs- in equation ( 2 ), which we may appropriately (^all the equi¬ 
librium Cs- for this reaction, the more rapidly will equilibrium be 
attained. Now the solubility of ZnS in water is 3.5 X moles 
per liter, while that of CuS is 9 X 10“^®. The former is approxi¬ 
mately 10 ^^ times greater than the latter. CuS, therefore, supplies 
an exceedingly small S“ concentration and the latter is only slightly 
above the value requisite for the reaction to come to equilibrium. 
As a little HS~ or H 2 S is formed by the union of S” and H 3 O+, more 

* The high concentration of the HsO'*' is maintained by the use of a large excess of 
fairly strong HCl. If the HCl were dilute and not present in excess, the reaction 
would reach equilibrium before all the ZnS was dissolved. 

t The large value of the solubility of ZnS may be seen by comparing it with that 
of CuS (see below). 


CuS ^ Cu++ + S” 

+ H 3 O+ 


^HiO + HS- 
+ H3O+ 
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CuS must dissolve; but since the solution contains the final 
concentration of the S“ will be less than it was originally; and 
since it was exceedingly small at the start, it is quickly reduced 
to a value which just satisfies the ionization constant for HS~ or 
H 2 S when no further solution of the sulphide can take place. 

The solution of sulphides in HCl therefore depends upon two 
factors: (1) the solubility of the sulphide in water. This deter¬ 
mines the S" supplied to the solution. (2) The concentration and 
the degree of ionization of the acid. This determines the concen¬ 
tration of the of the solution. The latter fixes the 8=“ con¬ 

centration which (;an exist in equilibrium with it (equation 2). 
We may call this concentration the equilibrium sulphide ion 
concentration, which of course will vary with the concentration of 
the acid. For a given oxonium ion concentration, therefore, the 
solution of a sulphide will depend upon its solubility in wato. 
Sulphides such as ZnS, MnS, FeS, which yield a 8“ concentration 
(considerably greater than the equilibrium 8” concentration (equa¬ 
tion 2), will dissolve readily and completely in an excess of HCl. 
Sulphides like CuS, which yield a 8”* concentration only slightly 
greater than the equilibrium 8*“ (concentration, will dissolve only to 
a slight extent; whihe sulphides such as HgS, whose saturated 
aqueous solution contains a 8“ concentration even less than that 
of CuS, must dissolve in HCl only to a negligible extent. 

The Solution of CuS in Nitric Acid. Because of the very small 
solubility of CuS in water, the 8”" concentration of its saturated 
aqueous solution is only slightly greater than that which can 
exist in equilibrium with the Ch 30 + supplied by the strong acid. 
As a consequence, the 8” con(C(cntration is rapidly reduced to a 
value which just satisfies the ionization constant for HS~ or HoS. 
When this happens, the action stops. It is evident that if we wish 
to dissolve CuS to a considerable extent, a reaction must be sought 
which will lower the 8“ concentration much further than does HCl. 
In other words, we must employ a reaction which, while reversible, 
will not reach its equilibrium point until the 8^ concentration has 
been reduced to a value considerably lower than that given by a 
saturated aqueous solution of CuS. For this purpose we use 
nitric acid, which lowers the sulphide ion concentration by oxidizing 
it to free sulphur. While this reaction is reversible, it does not 
reach equilibrium until the Cs- is vastly smaller than that 
afforded by a saturated aqueous solution of CuS. 
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The reaction which takes place may be represented by the fol 
lowing ionic equations: 

3 X CuS Cu^+ + S- 

3X S“^S + 2c 

2 X NO 3 - + 4H+ + 3c^NO + 2 H 2 O _ 

3 CuS + 2 NO;r + 8 H+ ^ 3 Cu++ + 2 NO + 4 H 2 O + 3 S 

Essentially the reaction is 

S- ;f± S + 2 c 

Ai)plying the law of chemical equilibrium to this equation, we get 



But Cs is also a constant for a given temperature; hence the 
equation becomes: 

cv = (3) 

Equation (3) states that when nitric acid reacts with a sulphide, 
the reversible reaction which takes place comes to equilibrium 
when the S“ concentration of the solution reaches a value equal 
to K. The value for Cs-, which wo may call the equilibrium sul¬ 
phide ion concentration for nitric acid and a sulphide, must be an 
exceedingly small number. It must be vastly smaller than either 
the sulphide ion concentration in a saturated aqu(K>us solution of 
CuS or the equilibrium S"" (‘oncentration in the reaction between 
strong HCl and copper sulphide. Whether or not a sulphide will 
dissolve in HNO3 will depend only upon the solubility of the sul¬ 
phide in water. If the solubility of the sulphide in water is such 
that its saturated aqueous solution has a S“ concentration con¬ 
siderably greater than the equilibrium Cs for HNO3 and a sulphide 
(equation 3), then the sulphide will readily dissolve in HNO3. 
Most sulphides belong to this class. If, on the other hand, the 
sulphide is so sparingly soluble in water that the (concentration 
of its saturated aqu(H)us solution is either equal to or less than the 
equilibrium concentration, the sulphide cannot dissolve in 
HNO3. 

Insolubility of HgS in Nitric Acid. The solubility of HgS in 
water is considerably less than that of any of the common sulphides 
except possibly AS 2 S 3 . Hence its saturated aqueous solution con¬ 
tains an exceedingly small S” conc^entration. Wheen IlgS is treated 
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with HNOa, only a minute amount dissolves. Hence some S* 
must be oxidized by the HNO 3 to elementary S, This will cause 
more HgS to dissolve; but since the solution now contains Hg++, 
the final concentration of the S* will be less than it was originally. 
And since only a minute amount of HgS originally dissolved, it 
follows that the S“ concentration will be quickly reduced to a 
value which just equals the equilibriuni concentration (equa¬ 
tion 3). When this happens, the reaction stops. 

Solution of HgS in Aqua Regia. In order to dissolve HgS in 
HNO3, we must find a way of increasing the S“ concentration above 
that in equation (3). This is accomplished by the use of aqua 
regia, which is a mixture of cone. HCl and HNO3. The former 
supplies a large concentration of Cl” which combines with the Hg"^*^ 
to form the complex ion [HgCl 4 ]*“. The latter is extremely stable 
and dissociates to only a minute extent. The formation of this 
complex ion lowers the Hg++ concentration, and hence as more 
HgS dissolves, the concentration of the S“ is increased beyond 
the equilibrium S“ concentration, so that HNO3 can oxidize it. 
Since both and Cs are lowered, the solution of HgS proceeds 
rapidly. The ionic equilibria may be represented as follows: 

HgS ^ Hg++ + S- 
Hg++ + 4Cl-^[HgCl4]- 
S- + 2 NO3” + 4 ^ 2 NO2 + 2 H2O + S 

HgS + 2 N03~ + 4 + 4 Cl” ^ [HgCU]- + 2 NO2 + 2 H2O + S 

Since the complex ion [HgCh]" may be formed by the action of 
Cl” on HgS, the question arises why HCl aldiie cannot dissolve 
HgS. We may assume that a minute amount of [HgCU]” does 
form, thus lowering the of the solution. From the solu¬ 

bility product principle it follows that as the CHg++ is reduced the 
Cs- must increase. But increasing the Cs- of the solution will 
correspondingly reduce the CHg++ which can remain in solution in 
equilibrium with the Cs-. As a consequence the CHg++ of the 
solution is quickly reduced to a value which just satisfies the equi¬ 
librium constant for [HgClJ" (see below). When this happens, 
the Cl~ can exert no further solvent action on HgS. 

[HgCl4]-^Hg+-^ + 4Cl~ 

CHr^*»- X Cci- _ 

C(Hgci<r 
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In short, the formation of a minute amount of [HgClJ* rapidly 
reduces the to a value which just satisfies K and hence the 
action stops. 

Summary. The foregoing explanation of the solution of sul¬ 
phides may be briefly summarized as follows: 

(1) ZnS dissolves in HCl because Cg- in a saturated aqueous 
solution of ZnS > Cg- in (2). 

(2) CuS dissolves only to a slight extent in HCl because Cg- in a 
saturated aqueous solution of CuS is barely greater than Cg- in (2). 

(3) CuS dissolves in HNO 3 because Cg- in a saturated aqueous 
solution of CuS > Cg- in (3). 

(4) HgS dissolves only to a slight extent in HNO 3 because Cg- in 
a saturated aqueous solution of HgS is barely greater than Cg- in 

(3). 

(5) HgS dissolves in aqua regia because the Cl“ forms the com¬ 
plex ion [HgCb]", thereby increasing the Cg- to a value > Cg- in 

(3). 


THEORY OF REDOX REACTIONS* 

Oxidation-reduction is a chemical change in which there is a 
transfer of electrons from the rcductant to the oxidant. Thus 
when ferric ion is added to iodide ion, the reaction which takes 
place may be represented by the following equations: 

2 X Fe-+'++ + 1 c ?=± Fe++ 

21- _ ^ l, + 2e 

2 re+++ + 2 I- 2 Fe++ + I 2 

The Fe+++ is reduced to Fe++ and the 2 I- are oxidized to I 2 . 
The changes, as the partial equations show, are brought about 
by a transfer of electrons from the reductant I"” to the oxidant 
Fe+++. 

An electric current, according to modern theory, consists of a 
flow of electrons. We should therefore expect it to bring about 
redox reactions. If the poles of a battery are introduced into 
a solution of FeS 04 containing some KCNS, it will be observed 
that at the + pole, that is, the anode, the solution becomes red, 
while on the cathode, there forms at the same time a black deposit 
of metallic iron. At the anode, each ferrous ion loses 1 electron 

♦The simple term “redox’' is a contraction of the larger term “reduction- 
oxidation.” 
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and becomes ferric ion. The latter then combines with some 
CNS“ to form red Fe(CNS)6'^^. At the cathode, each ferrous ion 
takes up 2 electrons and is reduced to metallic iron. These 
changes are shown in Fig. 8 and in the following equations; 

At anode: 2 Fe+'‘' 2 Fe+++ + 2 e 

At cathode : Fe*^+ + 2 e Fe 

In the reaction just considered, the electric current was used 
to bring about oxidation and reduction. Conversely, we may 

utilize almost any redox 
reaction to prodiu*e an 
electric current. Under 
ordinary conditions, a re¬ 
dox reaction takes place 
with the evolution of 
energy in the form of 
heat. If, however, the 
energy is to take the form 
of electricity, two con¬ 
ditions must be fulfilled: 
(1) the reacting solutions 
must be prevented from 
mixing; (2) provision 

must be made by which 
the transfer of electrons from the reductant to the oxidant is ac¬ 
complished by means of a conductor outside the solutions. This 
arraiigcanent will be found in all electric cells. 

Oxidizing Potential. Experiment shows that Fe+^ can oxidize 
Sn++ but not Cl~. On the other hand, Mn 04 “ can oxidize not only 
Sn++ but also Cl~. Permanganate ion is therefore a stronger oxi¬ 
dant than Fe++’^. Since the oxidizing power of an oxidant de¬ 
pends upon its ability to take up electrons, we may say that Mn 04 ““ 
takes up electrons with greater avidity than does We 

can express this idea by stating that Mn 04 ” has a higher oxidizing 
potential than Fe^'^'^“. It is evident that if we could measure the 
oxidizing potentials of all oxidants, we could arrange them in the 
order of their strength. Such a table would enable us to predict 
whether a given oxidant would oxidize a given reductant. 

When hydrogen is passed into a solution of ferric ion in the 
presence of platinum, the latter acting as a catalyst, the ferric ion 
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is reduced to ferrous ion and the hydrogen gas oxidized to hydro¬ 
gen ion. Under these conditions the energy is given off in tlie 
form of heat. Like most redox reactions, this particular one can 
be made to take pla(‘-e in a cell with the production of an electric 
current. The voltage of the cell is a measure of the oxidizing 
potential of the re+++ with reference to hydrogen. 

If we couple a half-cell consisting of a piece of platinum im¬ 
mersed in a solution of FeCL containing some * with anothcT 
half-cell consisting of hydrogen gas in contact with oxonium ion 
(see hydrogen electrode below), we obtain a cell which can be repnv 
sented as follows: 


Pt 

Fe+++ 

II 3 O+ 


Fe++ 



In this cell, an electric current is produced because the oxidant 
takes up electrons with greater avidity from its platinum 
electrode than does the under the same conditions. There 
is therefore a flow of electrons outside the cell from the H electrode 
to the electrode immersed in the ferric solution. The voltage of 
this cell is the algebraic difference of the potentials of the two half¬ 
cells. Since neither of these potentials can be separately measured, 
it is necessary to choose one of them as a standard and to measure 
the other against it. The hydrogen electrode dipping into a one 
molar solution of HuO^ is usually taken as the standard and its 
potential arbitrarily set equal to zero. The voltage of the above 
cell under these conditions is the oxidizing potential of ferric ion, 
since it is a measure of the ability of ferric ion to take up electrons. 

The molar hydrogen electrode consists of a piece of platinum 
foil on which has been deposited electrolytically a coating of 
platinum black. The latter possesses the property of condensing 
on its surface large quantities of hydrogen; hence the foil acts as 
though it consisted entirely of hydrogen; i.c., it acts as a hydrogen 

* In all solutions of oxidants, it is well to consider that there is always present 
some of the reduced form ; the concentration of the latter may vary from a sij?- 
nificant measurable amouni, to a quantity so small that it can be regarded as 
having only a theoretical existence. The same is true for solutions of reductants. 
Thus in all solutions of ferric ion, there is always present some ferrous ion and vice 
versa. In a quantitative study of redox reactions both forms or the pair must be 
considered, liecause as we shall see later it is their relative concentrations which 
determine the oxidizing power or potential of an oxidant. Such pairs are the 
following: Fe’^'*', Fe"^, I 2 ,1”, Sn'^, SnCle”, MnO^", Mn"^. When, therefore, we 
speak of the oxidant Fe'*"^'^, we really mean the pair or system, Fe^"*^, Fe^, even 
though the C/p'e-^+ may be very small. 
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electrode. The foil is immersed in a HCl solution molar with 
respect to HsO"^. Hydrogen gas at a pressure of one atmosphere 
is passed over the foil and escapes through the openings at the 

bottom of the tube as shown in 
Fig. 9. In this way the foil is 
kept saturated with hydrogen 
gas. 

^ Experiment shows that the 
E.M.F. of a cell made by cou¬ 
pling the ferric electrode with 
the molar hydrogen electroub, 
and hence the oxidizing poten¬ 
tial, varies with the logarithm 
of the ratio of the concentra¬ 
tions of the oxidized and reduced 
forms. Thus the oxidizing po¬ 
tential of Fe'^+'*’, i.e., its power 
to take up electrons, will evi¬ 
dently be diminished by the pres¬ 
ence of Fe"^"^, which is capable 
of giving up electrons. In order to compare the potentials of 
various oxidants, it is necessary that a uniform ratio of the oxi¬ 
dized and reduced forms be taken. The ratio chosen for these 
determinations is 1; that is to say, the potentials are determined 
for solutions in which the concentrations of the oxidized and re¬ 
duced forms are equal. The potential, when measured under these 
conditions against the molar hydrogen electrode taken equal to 
zero, is called the standard oxidizing potential. In this way the 
values given in Table VlII were obtained. 

The Sign of the Potential. In the cell we have been considering 
the following reaction takes place; 

Fe+++ + 1 e ^ Fe++ 
iH2 4-H20^=^H30+ + le 

The voltage of this cell is 0.76 volt. Since the platinum immersed 
in the ferric-ferrous solution is positive, we say that the ferric 
electrode is + 0.75 more positive than the hydrogen electrode, or 
since the latter is arbitrarily taken equal to zero, we simply say that 
the standard potential of ferric ion is + 0.76 volt. The sign cor 
responds, therefore, to the sign of the pole. 


>^1 


r 

— 

S ' 




1 

^ Molar H+ 

- 
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Calculation of the Oxidizing Potential. If Cox and repre* 
sent respectively the concentrations of the oxidized and the reduced 
forms of the oxidant and E(Cox-*CreA) the potential difference developed 
between a molar hydrogen electrode and the half-cell consisting of an 
inert electrode immersed in a solution of the oxidant and reductant, 
then it can be shown that 

„ jp , 0.059, Cox /IN 

J^(Cox’-^C'red) ~ Eo “h --log — (1) 


.^0 is the standard oxidizing potential and is the potential established 
when the concentrations of the oxidized and reduced forms are equal. 
n represents the number of electrons involved in the reaction. Apply¬ 
ing equation (1) to the Fc+‘*' system, we have, since the 

equation for the reaction is Fe+++ -|- 1 c Fe++: 

^l!V,+«.re++ = log (2) 


For the system I 2 . I” we have I 2 + 2 e «=i 2 I~ and 


Eu.i- 


— 7p0 


+ 


0.059 

2 



(3) 


Cl- is squared because 2 moles of I~ appear in the equation for the 
reaction. When KMn04 acts as an oxidant in acid solution, the 
partial equation is Mn 04 “ + 8 H+ 5 e Mn^*^ -f 4 1120; hence 
the equation for the potential for this system is 


TP _ 2?0 1 0.059 C]vin04~ X 

"Mn04-,Mn++ — -OMnOr ,Mn++ "i-T— AOg 




It is evident that the potential depends also upon the Ch+. 


In applying equation (1) to the system Cu'^^, Cu or to any system 
of a metal immersed in a solution of its ions, Cred, i-c-^ the concentra¬ 
tion of the metal would be a constant and the equation would therefore 
take the form 


•^lon. Metal — J^on, Metal ^ M^iog 

Clop 


(4) 


Appl 3 dng this equation to a cell consisting of a bar of copper im¬ 
mersed in a solution of Cu'^'*’ coupled to the standard hydrogen elec¬ 
trode, we get 


J^CirH-.Ou ~ “f" — log Ccn-H- 


Por calculating the standard potential we make Cqu-h- = 1, 

whence Eouth-^ou ~ Ec\x-*-+ ,Cu 

In this and similar cases the metal itself serves as the electrode in 
place of the inert platinum electrode. 
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Table VIII. Standard Oxidizing Potentials at 25®* 


Electrode Reaction 

Eq {Standard Hydrogen 
Electrode = 0) 

Li+ + c Li 

- 2.96 

K-^ + e K 

- 2.92 

Na"** + C Na 

- 2.71 

Zn++ 2e 

- 0.76 

Fe++ + 2 e Fe 

- 0.44 

Cd++ + 2 e Cd 

- 0.40 

Sn++ + 2 e ;r± Sn 

- 0.14 

Pb++ + 2 B Pb 

- 0.12 

SnCle- -f 2c ^Sn++ + 6 01" 

4- 0.13 

2 + S + 2 e ^ H 2 S 

+ 0.17 

011 -^+ + 2 e Cu 

+ 0.34 

Fe(CN)6=^ + c ^ Fe(CN)6”“ 

+ 0.49 

I 2 “h 2 6 4^ 2 I ~ 

-f. 0.54 

2 HgCb + 2 c HgzClj + 2 Cl- 

+ 0.63 

+ e 4^ Fe++ 

+ 0.75 

NO 3 - + 4 -f 3 c NO + 2 H 2 O 

H- 0.94 

Br 2 + 2 c 2 Br" 

4- 1.07 

CI 2 + 2 c ->2C1- 

! 4- 1.36 

Mn04" -f- 8 + 5 c Mn + + -h 4 H 2 O 

4- 1.52 

HBiOs -f 5 ID -h 2 c Bi+++ -f 3 ILO 

f 1.7 


Order of Oxidants t 


1. Sodium Bismuthate 

2. Persulphate ion 

3. Permanganate ion 

4. Chlorine 

5. Dichroraate ion 

6. Bromine 

7. Hydrogen Peroxide 

8. Nitrate ion 


9. Ferric ion 

10. Ferricyanide ion 

11. Oxygen 

12. Iodine 

13. Chlorostannate ion 

14. Oxonium ion 

15. Sulphur 


The above order holds only when the concentrations of the 
oxidized and reduced states are equal. According to Table VIII, 
an oxidant will oxidize any reductant above it in the list. Also 
any reductant will reduce any oxidant below it in the table. Thus 
chlorine can oxidize Br", Fe++, 1“ or H 2 S; ferric ion, ^6+++ can 

♦ For a more complete table see Latimer and Hildebrand, Reference Booh of Inor- 
gallic Chemiatry, p. 367. 

+ This order was taken from Fales’ Inorganic QuanlUative Analysis. The Cen¬ 
tury Co., 1925. 
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oxidize I~, but cannot oxidize Br” or Cl“. Or differently stated, 
Fe+-‘- can reduce Br 2 and Ch but cannot reduce I 2 . The oxidizing 
potential of Fe++'^", Fe++ is greater than the 0. P. of I 2 ,1“. There¬ 
fore Fe+'‘"^ goes to Fe+-^, i.e., it takes up electrons which the 
2 1“ going to I 2 supply. Similarly the 0. P. of CI 2 , 2 Cl“ is > 0. P. 
of Fe+++, Fe++. Therefore CI 2 goes to 2 Cl~ and takes up the 
2 electrons which are given up by 2 Fe'^+ in going to 2 Fe+++. 
It is evident that Fe+++ ion cannot oxidize Br"' or Cl~ because the 
O. P. of Fe‘^++, Fe++ is < the O. P. of either Br 2 , 2 Br“ or CI 2 ,2 Cl^. 

Calculation of the E.M.F. of a Cell. The E.M,P\ of any cell is the 
algebraic difference of the two pole potentials. Hence, to calculate 
the E.M.F. of a cell, calculate the difference of potential at each pole 
and then take the algebraic difference. 

Example, Calculate the E.M.F. of a Daniell cell in which the 
concentration of the Cu^ ^ is 0.001 M and that of the Zn++ 0.1 M. The 
potential difference at the copper pole will be, substituting in equa¬ 
tion (4), 

JE; = + 0.34 + 0.029 log lO-'^ = 0.34 - 0.029 log 10^ 

= 0.34 - 0.029 X 3 = 0.25 

In a similar manner, with the aid of equation (4), we can calculate 
the potential difference at the zinc pole. 

F = - 0.76 4- 0.029 log lO-i = - 0.7G - 0.029 leg 10 
= - 0.7() - 0.029 - - 0.79 

Hence the E.M.F. of the (^ell = -|- 0.25 ~ ( — 0.79) = 1.04 volts. 

Concentration Cells. Since the potential between a metal and 
a solution of its ions depends upon the ionic concentration, it ought 
to be possible to construct a cell consisting of electrodes of the same 
metal immersed respectively in solutions containing ions of the 
metal at different concentrations. Such a cell is known as a,con¬ 
centration cell. Thus 

M dilute cone. M 

Cl C 2 

represents such a cell. Denote by Ei and E 2 the potentials 
developed respectively in the cells whose concentrations are Ci 
and C 2 . Substituting in equation (4) we get 

El =- + 2:0^ log Cl 

n 

^2 = JS® + log Cg 

n 
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Since the E.M.F. of the cell is the algebraic difference of the two 
pole potentials, we have 


E = E 2 -El = (log Ca - log CO 
n 


0.059 

n 



( 5 ) 


where C 2 is greater than Ci. 

Equation (5) is of great value to the chemist, for by its means 
he can not only calculate E when C 2 and Ci are given, but if E is 
measured and either Ci or C 2 is given, the other can be calculated. 


Example. What is the E.M.F. of the concentration cell 

Cu 1 Cu+-^ 1 M II Cu++ 0.001 M I Cu 

E = log = 0.029 X 3 = 0.087 volt 
2 10 “* 

Calculation of the Equilibrium Constant for a Redox Reaction. 

Since redox reactions are reversible and hence subject to the law of 
chemical equilibrium, we should expect that they will proceed in a 
given direction until an equilibrium is reached. Redox reactions are 
best considered as taking place in a cell with the production of an 
electric current. Consider the reaction 

2 Fe+++ + 2 I- 2 Fe++ + Ii 


Applying the law of chemical equilibrium, we get 
Cpe-H- X Ci, _ jT 

X cl- 


( 1 ) 


When taking place in a cell, the reaction will come to equilibrium when 
the E.M.F. = 0 or when the potential at one pole is equal to that at 

the other. The potential in the half-cell containing Fe^^"^ and 

will be given by the equation 

IP ipo I 0.059 1 Cfo+++ 

Fe++ = -Ore-HH-,Fe++ H-;r~ 7^2- 

2 Cpe-H- 

Similarly the potential in the other half-cell containing Is and will 
be given by the equation 




;i;iO I 0.059 


At ^uilibrium Fe++ ~ since « 0.75 

and F?,. i- = 0.64 we have 
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0.76 + 


0.059 


log 


CFe'H-+ 

Cle-H- 


0.75 - 0.54 


0.21 
log A' 


A 


0.54 + 
0.059 


ct- 


0.059 


2 

0.059 


2 

1 Cl, 

Cl, X 


log 


log 


2 

0.42 
0.059 
1.3 X 10^ 


C|'e+-H' X Cf- 

== 7.12 


ck^ 


0.059 

2 


log A 


The value of the constant shows that the numerator in ( 1 ) is very 
much larger than the denominator, indicating that the reaction goes 
to a large extent to the right. 

Similarly we can calculate the value of the equilibrium constant for 
the reaction which takes place when zinc acts on CUSO 4 . This reac¬ 
tion takes place in the Daniell cell. The zinc is oxidized in one 
compartment and the copper ions are reduced in the other. The 
driving force in this cell is the difference of the two pole potentials. 
When this no longer exists, there will be no current and equilibrium 
will be established. The reaction is 

Zn + Cu-^+ Zn++ + Cu 


Applying the law of chemical equilibrium and remembering that 
since Cu and Zn are solids, Ccu and Czn will be constant, we get 

Czn++ „ 

Ccxi^^ 


A is the equilibrium constant and its value can be easily calculated 
with the aid of equation ( 1 ). 

The potential in the copper half-cell will be 


Acu-h-, Cu ~ Acu++, cu + 


0.059 

2 


log Ccu++ 


Similarly the potential in the zinc half-cell will be 


Azn++-, 


, 0.059. ^ 

Azn++, Zn H ~ log (7zn++ 


At equilibrium Acu++,cu = and since Acu++,cu 

and Ezn^^,zn = — 0.76, we have 

- 0.76 + 0.029 log == 0.34 + 0.029 log Cou^-t- 


whence 

and 


log^^ = 37.9 

Ccu++ 

= K:= 8 X 10” 

Ccu+-+ 


0.34 
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The value for K shows that in this reaction, equilibrium will not be 
reached until the concentration of the zinc ion is 8 X 10^^ times 
greater than the copper ion concentration, showing that the zinc 
precipitates practically all the copper from solution. 

If in a solution is less than 10^^, say 10^^, and'we introduce 

(7cu++ 

a piece of zinc into this solution, the system will be out of equilibrium. 
A reaction will therefore take place in the direction which will establish 
equilibrium, i.e., zinc will go into solution and copper will plate out 
until the ratio Czn++• attains the value of 10'^. Suppose, on 

the other hand, that the ratio of the concentrations of Zn'^'^: Cu"^^ is 
> 10®^, say 10^°. On introducing a piece of Zn into this solution 
nothing will happen, but if instead of zinc we put a piece of copper 
into the solution, the following reaction will take place: 

Cu -f- Zn++-> Cu++ + Zn 

Copper will go into solution and zinc will precipitate until the equi¬ 
librium ratio is reached. 

In the Daniell cell, as in all cells, the E.M.F. is the algebraic differ¬ 
ence of the two pole potentials, i.e., E ~ Ecu “ ^'zn- If to the copper 
solution of the cell, a slight excess of NaOlI is added, practically all 
the will be precipitated as Cu(OH) 2 , leaving in solution a rather 

small concentration of Cu* *■. As a consequence Ecm will be consid¬ 
erably reduced and therefore, also the E.M.F. of the cell. If now some 
(NH 4 ) 2 ^^ is added, the Cu(01i)2 will be converted into the more 
insoluble CuS, thereby further reducing the concentration of the 
Cu^^‘ remaining in solution. Now the potential at the copper pole 
has a negative numerical value practically equal to that of the zinc 
pole. As a consequence, the voltage of the cell will be almost zero. 
If some KCN is added, the CuS will be converted into the complex 
Cu(CN) 3 ‘“ which yields so small a concentration of Cu'*"*' that the 
value of the ratio Czn++ • Ccu++ becomes greater than 10®^. To 
establish equilibrium, Zn must plate out and Cu go into solution; 
in other words, the current will be reversed. 

ION PRODUCT OF WATER 

It might b(' w ell at this point to review briefly the various ways 
in which water may be regarded as acting on substances. 

(1) It brings about the ionization of covalent compounds such 
as anhydrous HCl, HNOs and HC2H3O2. 

HCl + H2O ^ H3O+ + CD 
HC2H3O2 + H2O H3O+ + C 2 H 302 “ 


The solvent water functions in these reactions as a base. 
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(2) It causes the dissociation of the ions of salt-Iike substances, 

Na+Cl-" (crystal) + water —> Na*^ + Cl- 
Na+OH” (solid) + water Na'+' + OH- 

Here the water molecules, by reducing the electrostatic attraction 
between the oppositely charged ions, cause the lattice to break 
down and thus permit the ions to wander freely in solution. 

(3) It is the cause of hydrolysis, the water functioning either as 
an acid or base. 

C 2 H 3 O 2 - + H 2 O HC 2 H 3 O 2 + OH- 
Basei + Acid 2 Acidi -f Base 2 

NH 4 + + H 2 O ^ NHa + H 3 O+ 

Acidi H- Base-i Basei + Acid 2 
A1(H20)6+-^-'- + H 2 O ^ Al(H 20 )r> 0 H++ + H 3 O+ 

(4) It may undergo ionization like any acid, donating H'*’ to 
another molecule of water functioning as a base. Thus 

li.C) + H 2 O ^ H 3 O+ + OH- 
Acidi + Base 2 Acid 2 Basei 

or 2 H 2 O H 3 O+ + OH- 

Even the purest water has a measurable conductivity due to its 
slight dissociation into its ions according to the above equation. 
Applying the law of chemical equilibrium to this equation, we get 

X Cqh- _ zr 

C 2 ^ 

H 20 

But the concentration of the undissociated water, Chso, i^ay be 
considered a constant; hence, 

C^H 30 + X CoH~ “ 

Ku, is called the ion product for water. Its value determined by 
a number of totally different methods is 1 X at 25° C. It 
increases with the temperature as well as with increasing ion con¬ 
centration (salt effect). 

In all aqueous solutions, whether they be of acids, bases or 
salts, Ch 30 + X CoH- = In extremely pure water Ch 80 + — 

CoH- = Hence we may define a neutral solution as one in 

which the Ch 80 + and Cqh- are equal, or one in which the Chk)+= 
10-^ If to some pure water we add a little dilute acid, we shall 
increase the oxonium ion concentration. Let us assume that the 
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HsO”^ concentration is 10“®; then, since Ch,o+ X Con- = 10“^*, 
CoH- will be 10“*. An acid solution, then, is one in which the H 3 O+ 
concentration is greater than 10 “^, or one in which the OH“ con¬ 
centration is less than 10“^. Also we may define an alkaline solu¬ 
tion as one in which the HaO*’" concentration is less than 10 “^ or the 
OH“ concentration greater than 10 “^. 

The method of expressing the acidity or alkalinity of a solution 
by its H 3 O ion concentration is sometimes inconvenient. Sorensen 
therefore proposed a simple system in which the logarithm of the 
reciprocal of the H 3 O ion concentration is taken as the unit. This 
unit was designated by Clark as ; thus 

pH = log^ 

If Ch,o+ = 10“®, pH = log = log 10 ® = 6 . Hence if the H 3 O 

ion concentration is expressed in terms of 10 with a minus ex¬ 
ponent, and the coefficient is 1 , then the pH value is equal to the 
exponent with the sign reversed. In the following tabulation the pH 
values corresponding to various H3O ion concentrations are given. 

Acid Neutral Alkaline 

Cmo^ 10 "^ 10 -^^ 

pH 0.6 1.03 5 6 7 8 9 10 

From the above table it is seen that: 

A neutral solution is one in which Ch 30 + = 10“"^ or pH = 7. 

An acid solution is one in which Ch 30 + > 10“^ or pH < 7. 

An alkaline solution is one in which Ch 30 + < 10“"^ or pH > 7. 
Also tliat the smaller the pH value, the greater the acidity. A 
solution with a pH of 4 is 10 times as acid as one with a pH of 5 
and 100 times as acid as one with a pH of 6 . 

Suppose the Ch 30 + of a solution is 4 X 10“®, what will be its pH? 

Conversely, if the pH of a solution is 5.4, what will be its Ch,o^ ? 
log = 5.4 

^H30+ 

= antilog 5.4 = 10‘ X 2.5 

^H30+ 

l0^5 == X 10-‘ = 4 X 10- 
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Suppose the C7 hk)+ = 0.092 mole per liter, what will be its pH and 
Coh-7 

Since pH = 1.03, CHao+ = and hence Cqh- = 

PROBLEMS 

( 1 ) Calculate the Chso+ in a 0.1 M ammonia solution. The equilib¬ 
rium constant for NHa is 1.8 X 10~^ Hint. First calculate Cqh-- 

Aus. Chso^' = 8 X 10~^*. 

( 2 ) Calculate the pH of the solution in which the Group 2 metals are 

to be precipitated by H 2 S. Ans, pH = 0.52. 

(3) Calculate the Ch 30 + corresponding to each of the following pH 

values: 5.1, 5.2, 5.3. Ans. 7.9 X 10-\ C.3 X 10"^ 5 X IQ-®. 

(4) Calculate the pH corresponding to each of the following (7 hk)+ 

values. 4 X 10""®, 6.3 X 10"■^ Ans. pH = 5.4, 6.2. 

(5) Calculate the pH and Cqh- values of 0.001 M HCl. 

Ans. pH = 3, 6 ^ 011 “ = 10~^h 

( 6 ) Calculate the pH and the Ch 30 + of 0.0001 M NaOH. 

Ans. Ch 30 + - 10-'®, pH = 10. 

Determination of the Oxonium Ion Concentration. The deter¬ 
mination of the oxonium ion concentration of solutions is of great 
importance to bacteriologists as vrell as to biological and analytical 
chemists. The two methods used are known respectively as the 
colorimetric and electrometric methods. Before considering the 
colorimetric method, it will be necessary to define an indicator. 
The latter is a substance which changes its color over a definite 
range of oxonium ion concentration. Indicators are all weak 
acids or bases. Below is a list of the common indicators and the 
range of oxonium ion concentrations within which they respec¬ 
tively undergo a color change. 

Ch,o-k 10-» 10-8 io~7 iQ-B 10-5 10-4 10-8 

Litmus ^ blue violet pink —> 

Phenolphthalein ^ pink colorless —^ 

Methyl Orange yellow orange pink —> 

The above table shows that phenolphthalein changes its color 
from 10“^ to 10-8, ^hich is in the alkaline region. Methyl orange, 
on the other hand, changes at 10“^ to lO”*, both within the acid 
range. Neither of these indicators undergoes a change at 10-^ 
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and hence they are unsuitable for indicating the neutrality of a 
solution. These indicators are, moreover, not very sensitive and 
hence are used only in the rough determination of the oxonium 
ion con(*entration. For accurate work we require a set of indi¬ 
cators to cover the entire pH range from 1.2 to 9.6. Each indicator 
of such a set must be sufficiently sensitive to show distinct color 
changes over a comparatively narrow pH range. Such a set of 
indicators is given in the table below.* 


Table IX. Indicators 


... ■ - -...~1 

/ ndicaior 

Color Change 

pH Range 

Meta Crcsol Purple . . . 

Red — Yellow 

1.2~2.8 

Bromphenol Blue .... 

Yellow — Blue 

3.0-4.6 

Bromcresol Green .... 

Yellow — Blue 

4.0-5.6 

Chlorphenol Red .... 

Yellow — Red 

5.2-6.8 

Bromthymol Blue . . . . 

Yellow — Blue 

6.0~7.6 

Phenol Red. 

Yellow — Red 

6.8-8.4 

Cresol Red. 

Yellow - Red 

7.2-8.8 

Thymol Blue. 

Yellow — Blue 

8.()-9.6 


Making a Determination. A rough test is first made by treat¬ 
ing 10 ml. of the unknown solution in a test-tube with 0.5 ml. of 
bromthymol blue. This indicator is chosen bee?use it covers the 
acid, neutral and alkaline regions. If a color intermediate be¬ 
tween yellow and blue is obtained, the pH of the solution must be 
between 6 and 7.6. In that case the color of the unknown is 
compared successively with each of a series of standard solutions* 
whose pH varies from 6 to 7.6 until a perfect match is obtained. 
Should the preliminary test with bromthymol blue show a yellow 
color, the pH must be 6 or lower. In that case a test is made 
with chlorphenol red and if a color intermediate between yellow 
and red is obtained, the pH lies between 5.2 and 6.8. The precise 
pH is determined as described above by the use of a series of stand¬ 
ards covering this range of pH. If, however, a yellow color is 
obtained with chlorphenol red, another test should be made using 
a separate 10 ml. portion with bromcresol green, and so on till the 

* For each indicator, there is provided a set of standard solutions of definite pH 
and containing a small quantity of the indicator. ’ For convenience of comparison* 
these solutions are sealed in test tubes and labelled to show the pH as well as the 
indicator used. 







BUFFERED SOLUTIONS 


111 


indicator is found within whose range the pH of the unknown 
solution'^ falls. If the first test with bromthymol blue gave a 
blue solution, the unknown is alkaline and its pH is at least 7.6. 
In that case, separate 10 ml. portions of the unknown are suc(^es- 
sively treated with 0.5 ml. of each of the indicators below until 
one is found within whose color range the pH of the unknown lies. 
This done, it is a comparatively simple operation with the aid of 
standards to determine the precase pH of the unknown. 

The Electrometric Determination of the Oxonium Ion Con¬ 
centration. In this method the principle of the conccaitration 
cell is employed. We have already seen that for this type of cell, 
the potential depends upon the logarithm of tlie ratio of the two 
concentrations. The equation for tlie difference of potential is 


E - 


0.059 

n 



( 1 ) 


The solution whose C 1130 + is to be determined is converted into a 
half-cell by lowering into it a hydrogen electrode. This is then 
combined with the molar hydrogen electrode. In the case under 
consideration, n = 1 , C 2 = 1, and Ci = desired. Substi¬ 

tuting these values in ( 1 ), we get 

E = 0.059 log (2) 

ChiO+ 

But log - = pH 

t Il30^ 


Hence equation (2) becomes 
pH = 


E 

0.059 


Hence if we measure E, we can readily calculate either pH or Chjo+- 


BUFFERED SOLUTIONS 

A very dilute acid solution having a pH of 6, while easily pre¬ 
pared, does not maintain its strength owing to the influence of 
small amounts of alkali absorbed from the glass container. The 
latter might readily increase the pH from 6 to 8. Similar diffi¬ 
culties are encountered in keeping basic solutions which are near 
the neutral point. For as is generally known, distilled water 
becomes decidedly acid because of the absorption of CO 2 from 
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the air. For solutions to resist changes in pH, when small amounts 
of acid or base are added, they must have a special composition. 
Such solutions are called buffered solutions. A solution containing 
a weak acid or base with one of its salts is buffered. 

In a solution of acetic acid, we have, according to the law of 
chemical equilibrium 

Ch.o+ = X K (1) 

LcaHsOa- 

If the solution is one-half neutralized, ChcjHio* = C'csHiOi- and 
Uh 80 + = X = 1.8 X 10“^. Such a solution contains a high con¬ 
centration of HC2H3O2 and C2H302“. If we add a small quantity 
of OH“, it will be neutralized by the resulting from the ioniza¬ 
tion of the acetic acid. As a consequence, some H 2 O and C2H302'” 
will form. The removal of in this manner will be replenished 
by the further ionization of acetic acid. If, on the other hand, a 
small quantity of is added, it will combine with some C2H3O2"" 
to form a small amount of undissociated acetic acid. These 
reactions are shown in the following equations: 

HC2H3O2 + OH- H2O + C2H3O2- ( 2 ) 

C2H3O2-' + H3O+ HC2H3O2 + H2O (3) 


Since the original concentrations of C 2 H 3 O 2 - and HC 2 H 3 O 2 of 
the solution are relatively high, the formation of relatively small 
additional quantities of either of them in the above reaction will 
not materially affect the pH of the solution. 

The difference between a buffered and an unbuffered solution is 
that the former has reserve acidity or alkalinity which enables it to 
restore practically its original pH when treated with small quantities 
of acid or base. The following examples will make this clear. 


Example 1. Given a buffered solution of acetic acid whose Ch,o+ 
is 1.8 X and a HCl solution of the same concentration. Show by 
calculation to what extent the Ch,o+ of each solution will be affected 
by treating a liter of each with 1.8 X 10~^ mole of NaOH. 

It is evident that the HCl solution will be completely neutralized 
and its Chjo+ reduced to 10“^. The Ch 30 + of the acetic acid solution 
would be scarcely affected. For assume the acid to be 0.1 M con¬ 
taining 0.1 Af NaC2H302 per liter. The addition of 1.8 X 10“^ mole 
of NaOH would react with 1.8 X lO”^ mole of acetic acid to yield 
1.8 X 10""® mole of C 2 H 3 O 2 ". Substituting these values in equation 
1, we get 



0.1 - 1.8 X 1Q-" 
0.1 *f 1.8 X 10-^ 


X 1.8 X 10-« 
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1.8 X 10"*® is so small compared with 0.1 that it may be neglected, with 
the result that the Chio+ remains practically unchanged. 


Example 2, Given a 0.1 M acetic acid solution containing 0.1 M 
NaC 2 H 302 per liter; also a 1.8 X 10“® M HCl. Calculate the effect 
of adding 0.01 mole NaOH to a liter of each. 

Now 0.01 of a mole NaOH will neutralize 0.01 mole acetic acid to 
form 0.01 mole C 2 H 302 “. 

Hence Ch,o+ of acetic acid == X 1.8 X 10~® = 1.4 X 10“®. 

Since 1.8 X 10“*, the Ch,o+ of the HCl solution is so small in com¬ 
parison with 0.01 or 1 X 10“^ mole of NaOH added, the solution will 
become alkaline and will have a practically equal to that of 

1 X 10“2 M NaOH. I.e., 




1 X 10-^^ 
1 X 10-2 


1 X 10-12 


Example S. If in Example 2 we were to add to a liter of each solu¬ 
tion 0.01 mole of HsO"^, what would be the concentration of the HsO"*" 
in each of the solutions? 

Since 0.01 mole HaO'^ will react with 0.01 mole C 2 H 302 “ to yield 
0.01 mole of HC2H3O2, we have 

Chk)+ = ^ X 1.8 X 10-' = 2.2 X 10-‘ 


In the case of the HCl solution, since 1.8 X 10“® is negligibly small in 
comparison with IO- 2 , we may consider the resulting HCl solution 
to have an oxonium ion concentration of 1 X lO”*. The Cbuo+ of the 
HCl solution has been increased 1 X 10“2/1.8 X 10“® = 555 times, 
while that of the acetic acid has been practically unaffected. 


PROBLEMS 

(1) Given a solution containing acetic acid and sodium acetate in 
the proportion of 16 :1. Calculate the Ch»o+» Ans, 2.88 X 10~^. 

(2) A solution of acetic acid is 2 molar. Calculate the cone, of the 

NaC 2 H 302 which must be present so that the solution will have a 
Ch,o+ of 3.6 X 10“®. Ans. 1 molar. 

(3) Calculate the concentration of NaC 2 H 302 which must be present 
in a molar solution of acetic acid so that its Chk)+ will be 4.5 X 10“®. 

Ans. 4 molar. 


HYDROLYSIS OF SALTS 

When a salt is dissolved in water, the resulting solution may be 
neutral, alkaline or acid, depending upon the nature of the salt. 
Four cases are to be considered. (1) A salt of a strong acid and 
a strong base such as NaCl cr KNO3. Such a salt yields an 
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aqueous solution which is practically neutral. (2) A salt of a 
strong base and a weak acid such as NaC 2 H 302 and RCN. A 
salt of this type forms a water solution which is distinctly alkaline. 
(3) A salt of a weak base and a strong acid such as CUSO 4 or 
NH4CI. An aqueous solution of such a salt possesses a distinctly 
acid reaction. (4) A salt of a weak acid and a weak base such as 
NH4C2H3O2 or AI2S3. A water solution of such a salt may be 
neutral, acid or alkaline, depending upon the strength or solubility 
of the acid and base. All salts with the exception of those of 
Type 1 arc acted upon by water with the formation of a weak 
acid or base or both. The action is called hydrolysis and is the 
reverse of neutralization, as shown in the following equation: 

CN- + HoO HCN + OH- 
Basoi Acid 2 Acidi Base 2 

Case 1. Salt of a Strong Acid and Strong Base. Since hy¬ 
drolysis is due to the formation of a weak base or weak acid, it 
is evident that a salt of a strong base and strong acid cannot 
undergo hydrolysis. The aqueous solutions of such salts are 
therefore neutral. 

Case 2. Salt of a Strong Base and Weak Acid. Experiment 
shows that when NaC 2 H 302 is dissolvo'd in water, the solution 
becomes alkaline. This must evidently be due to an increase in 
the Con- or the removal of It is more logical to assume 

that some H3O+ has been removed in combining with the C 2 H 302 ~ 
to form acetic acid. The latter is a weak acid, which means that 
its ions cannot exist together in high concentrations. In a solu¬ 
tion containing a relatively high concentration of one of the ions 
of a weak electrolyte, the concentration of the other that can be 
in equilibrium with it must be proportionately small. Evidently 
the Ch 30 + supplied by water, i.e., 10 ”'^, is too large to exist in equi¬ 
librium with the high concentration of C 2 H 3 O 2 " supplied by the 
salt NaC 2 H 302 . As a consequence, some undissociated acetic 
acid forms. We can formulate this reaction as follows: 

C2H3O2- + H3O+ HC2H3O2 + H2O ( 1 ) 

Basel Acid 2 Acidi Base 2 

But the is derived from the dissociation of water according 
to the equation 

2 H 2 O H3()+ + OH- (2) 
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Hence hydrolysis is a result of both reactions (1) and (2). Adding 
them, we get 

C2H3O2- + H 2 O ^ HC2H3O2 + 0H“ ( 3 ) 

Basel Acid 2 Acidi Base2 

The hydrolysis of NaC 2 H 302 is a chemical change involving two 
sets of equilibria, (a) the formation of acetic acid, (b) the dis¬ 
sociation of water. The mathematical formulation of these 
equilibria are as follows: 

C„^^ X Cc,mQc = Koceticocia (4) X Con-= (5) 

As the HsO"^ from the water is progressively removed, more 
water must ionize to replace the Ch 80 +- The consequence is that 
the OH"” accumulates in the solution, i.e., the Con- attains a 
value greater than 10~^; as a consequence the solution becomes 
alkaline. 

Why Hydrolysis Stops. Experiment shows that in a 0.1 M 
solution of NaC 2 H 302 only 0.008% is hydrolyzed. The question 
naturally arises why the reaction does not proceed until practi¬ 
cally all the NaC 2 H 302 is hydrolyzed. It must be clear to the 
reader that when the concentration of the HsO"^ is such as to satisfy 
the equilibrium constants for acetic acid and water, the reaction 
must come to a standstill. We have seen that as the oxonium ions 
arc used up in the formation of uii-ionized acetic acid, more water 
must ionize to supply additional H 3 O+ ions. Since the OH ions arc 
not removed, their concentration increases, permitting a progres¬ 
sively smaller concentration of oxonium ions to form from the 
ionization of new molecules of water. For under all conditions 
C'hjo+ X CoH- = 10”^"^. As hydrolysis proceeds, the OH ion con¬ 
centration becomes so high that CHao+ is reduced to a value just 
sufficient to satisfy the equilibrium constant for acetic acid. When 
this happens, the reaction must come to a standstill. It is there¬ 
fore the accumulation of the OH ion in the solution which limits the 
hydrolysis j by causing the Ch 80 + to become so low that it just 
satisfies the equilibrium constant for acetic acid. 

Case 3. The Solution of a Salt of a Weak Base and a Strong 
Acid. NH4CI is a typical salt of this class. The reaction with 
water may be represented as follows: 

NH4+ + H2O ^ NH3 + H3O+ 
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It is clear from the above equation that as the weak base NHa is 
formed, the HaO*^ will accumulate in the solution and hence the 
latter will be acid. 

Case 4. Salt of a Weak Acid and Weak Base. NH 4 C 2 H 3 O 2 
is a good example of this class. Its ions react with water accord¬ 
ing to the following equations: 

NH 4 + + HoO ^ NH 3 + H 3 O+ ( 1 ) 

C 2 H 3 O 2 - + H 2 O ^ HC 2 H 3 O 2 + OH- (2) 

In (1), HsO"^ is formed while in (2), it is removed. With salts of 
this type, the acidity or alkalinity of the solution will depend upon 
the relative strengths of the acid and base. 

Salts of Polybasic Acids. The hydrolysis of Na2C03 and 
NaliCOs may be respectively represented by the following equi¬ 
librium equations: 

C 03 “ + H 2 O HCO 3 - + OH- (1) 

HCO 3 - + H 2 O ^=± H 2 CO 3 + OH- (2) 

It is clear from the above equations that the hydrolysis of these 
salts is caused by the formation of HCO 3 - in (1) and of H 2 CO 3 
in (2). The greater the amounts of these acids that are formed, 
the greater will be the hydrolysis. Since the ionization constant 
for HCO 3 - (7 X 10-^0 is very much smaller than that for H 2 CO 3 
(3 X IQ-^), it follows that reaction (1) will proceed further than 
reaction (2) before equilibrium is established. As a consequence, 
solution (1) will be more alkaline than solution (2). 

It is evident that in calculating the percentage hydrolysis, the 
constant for the secondary ionization Kucot- is used for the 
normal carbonate and the primary ionization constant ifnacoi for 
the bicarbonate. 

Calculation of the Degree of Hydrolysis. Applying the law of 
chemical equilibrium to equation (3), p. 115, we get, since Chjo is a 
constant 

^ Hc«H»ch _ X ^ _ hydrolytic constant (1) 

CcjHjOi- 

We have seen that hydrolysis will proceed until the equilibrium 
constants for H 2 O and acetic acid are simultaneously satisfied. 
Hence equations (4) and (5), p. 115, are simultaneous. When 
equilibrium is reached, Chk)+ iu both equations must have the 
same value. 
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Dividing (5) by (4), we get 

X Cqh- Rw _ 

The C 2 H 302 '” is derived almost entirely from the salt, 
equation (2) can be put in more general form. 

C^Acld X Con- = 

Csalt ^Arld 


( 2 ) 

Hence 

(3) 


By means of the above equation we can calculate the degree of 
hydrolysis of a salt of a strong base and weak acid at any con¬ 
centration. 


Example, Calculate the percentage hydrolysis of a 0.1 ilf solu¬ 
tion of NaC 2 H 302 . 

We have seen that the equation for the hydrolysis is 

C2H3O2- + H2O HC2H3O2 + OH- 


from which it follows that for each mole of C 2 H 302 ~ undergoing 
complete hydrolysis, there results 1 mole each of acetic acid and 
ofOH-. 

Let X = fraction of a mole of salt per liter that is hydrolyzed; 
then CncaHsOa and Con- will each also be x ; and the concentration 
of the salt which is not hydrolyzed will be 0.1 — x. Substituting 
these values in equation (3) above, we get 

1 X 10-14 


0,1 


1.8 X 10-® 


= 0.56 X 10-» 


Since x is very small * compared with 0.1, we may drop it in the 
denominator. Then 

= 5.6 X 10-11 = 56 X 10-12 
x == 7.5 X 10-® 

The percentage hydrolysis = ^ ^ ^ ~ ^ ^ ^ ^ 

0.0075. 

We can calculate the Chso+ and pH of the solution from the 
value oi X = Cqh- = 7.5 X 10-®, for 

Ch,o> = = 013 X 10-* - 1.3 X 10-» 

pH = log ..- = log ^ = 9 - 0.1 = 8.9 

^ ^ 1.3 X 10-» ^ 1.3 

* If the degree of hydrolysis is large (over 6%) as in the cases of Na«S and 
N8«P04 (see problems 5 and 11) a; cannot be neglected. 
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Derivation of the Equation for the Hydrolysis of a Salt of Strong 
Acid and Weak Base such as NH4CI. The equation for the hy¬ 
drolysis is 

NH 4 + + HsO ^ NIL + H 3 O+ ( 1 ) 

Applying the law of chemical equilibrium, we get 


Equation (1) shows that there are two equilibria involved, viz., 
the formation of NHs and H.D'^, i.e., NH 3 + H 2 O ^ NH 4 '^ + 
OH" and 2 H 2 O 4 =^ HaO'*' + OH". Hence we have 


^NH4< X Coii- 


K 


NHaOfl 


C'h80+ X Coil- — Ky, 

Cmo being constant in both equations has been eliminated. 
Dividing (3) by (2), we get 

X Cnhs __ 


^NH<+ 


K 


NHaaa 


( 2 ) 

(3) 

(4) 


Since the NH 4 '^ is derived almost entirely from the salt, we can 
write equation (4) as follows : 


^ HaO ^ 


X Ct, 




A 

ABafle 


(5) 


Example. Calculate the Ch,o^^ of a 0.1 M solution of NH4CI. 
Let X — Ch30+* From (1) we see that Cnh3 = Ch,o-»- = 
Substituting in (5) we get 


0.1 - X 
0.1 


— = 5.6 X 10"^® 
1.8X10-^ 

5.6 X 10-1® 


= 56 X 10-12 
X = 7.5 X 10"® 


With salts derived from a weak acid and weak.base (Case 4), we 
find that hydrolysis results in the formation of undissociated base 
and acid. Hence if the base and acid are of the same strength, 
the resulting solution will be neutral. If of different strengths, 
the acidity or alkalinity of the solution will depend upon the rela¬ 
tive strengths of the a(*id and base. When equilibrium is reached 
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in the hydrolysis of a salt of this class, such as NH4C2H3O2, the 
following equilibria must be satisfied: 


C C2li3(>2- A IIC 2 H 3 O 2 

X CnH s _ 


(2), p. 117 
(4), p. 118 


Multiplying these equations and remembering tliat Chso+ X 
CoH~ == we get 


C^HC2H 302 X CN Ha _ _ Kjr _ 

C^NH4+ X C'c2H302- ^HC2H302 X 

Since the constants for the base and acid are small, hydrolysis in 
such cases must proceed to a considerable extent. 


PROBLEMS 


(1) Calculate the percentage hydrolysis of 0.1 M KCN at 25°. 

Kw - 1.2 X 10“"^^ and /vhcn ~ 7 X 10“^®. Ans. 1.3%. 

(2) A 0.1 M solution of NaC 2 n 302 is hydrolyzed 0.008%. What 
is the pH of the solution? 

The equation for the hydrolysis is 

C2IJ3O2- + H2O ^ HC2H3O2 + ori- 


which shows that for each mole of C 2 H 302 “ hydrolyzed, there is formed 
one mole each of HC" 2 H 302 and OH'. Since 0.008% of the NaC2H302 
is hydrolyzed and Uie amount of € 211302 “ present is 0.1 mole, the part 
of a mole of NaC 2 H 302 which undergoes complete hydrolysis is 
0.1 X 0.00008 — 8 X 10“® mole. This, according to the equation 
above, will yield an equal concentration of HC 2 H 3 O 2 and OH“. Hence 


and 


CoH— 

Ch30+ ~ 


8 X 10-« 

1 X 10-^^ 
8 X 10-« 


= 1.2 X 10-® 


pH = log 


1 

1.2 X 10-10 


- 8.9 


Calculate the percentage hydrolysis of a OT M solution of 


(3) NallCOa. A'h,co. = 3 X 10-^. 

Ans. 0.06% 

(4) NajCOs. A'hco.- = 7 X 10-". 

Ans. 4% 

(5) NajS. Ahs- = 1.2 X 

Ans. 99% 

(6) NaHSOj. Ah,so, = 1-7 X 10->. 

Ans. 0.0003% 

(7) NaHS. Ah.8 = 9 X lO-*. 

Ans. 0.1%, 

(8) NajSOs. Knao.- = 5 X 10-«. 

Ans. 0.016% 

(9) NaHsPOi. A'h.po. = 1-1 X 10-*. 

Ans. 0.0003% 
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(10) Na2HP04. Ii^BbP 04 - = 2 X 10~^, Ans. 0.08%. 

(11) Na 3 P 04 . A:hpo 4 - = 3.6 X Ana. 43%. 

( 12 ) Calculate the percentage hydrolysis of a 0.3 M NH 4 CI solu¬ 
tion. Anhj = 1.8 X io~^ What is the pH of the solution. 

Ana. 0.004%; pH = 4.4. 

(13) A 0.1 M solution of NH4CI is hydrolyzed 0.008%. What is 
the Con- and pH of the solution. 

Ans. CoH- = 1-3 X 10”»; pH = 5.1. 

THE COLLOIDAL STATE 

In 1861, the English chemist Thomas Graham investigated 
the diffusion of dissolved substances through membranes of parch¬ 
ment paper. For these experiments he used an 
apparatus known as a dialyzer, a convenient 
form of which is shown in Figure 10. The 
solution to be investigated was poured into the 
dialyzer * and the latter suspended in a jar of 
water. 

Experimenting with solutions of different sub¬ 
stances, Graham observed that soluble crystal¬ 
line compounds such as sugar, sodium chloride 
and other salts readily passed through the mem¬ 
brane, while the non-crystalline or so-called 
amorphous substances, such# as gelatin, silicic 
acid, albumen, ferric hydroxide, either did not 
diffuse at all or else did so very slowly. Accordingly, he divided 
substances into two classes, crystalloids and colloids. The differ¬ 
ence in the rates with which these two classes of substances diffuse 
in solution, he made the basis of a method for their separation in 
mixtures. He also utilized the principle for the preparation of 
colloids. 

Since Graham^s time many so-called colloidal substances have 
been prepared in crystalline form, while many typically crystalline 
compounds, such as NaCl, have been formed in the colloidal state. 
The classification of Graham must therefore be abandoned as being 
no longer tenable. Extensive investigations in this field have 
shown that whether a substance is crystalline or colloidal depends 
entirely upon the conditions under which it is formed. The term 

* The latter may be prepared by removing the bottom of a wide-mouth giaaa 
bottle and replacing it by one of parchment paper. 



Fig. 10 
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colloid is still retained to designate a stale of matter and not a 
particular class of substances. 

Dispersed Systems. It is now customary to regard colloidal 
solutions as belonging to the general class of dispersed systems. 
The latter are systems in which one substance in a finely divided 
state is distributed or dispersed through a second substance acting 
as the medium. The finely divided substance is called the d^s- 
persoid or internal phase, and the medium in which the dispersion 
takes place is called the dispersion medium or external phase. 

Dispersed systems show considerable variation in their degree 
of dispersion. At one extreme we have the coarse suspensions, 
the particles of which can be seen with the ordinary microscope. 
While at the other extreme are the true solutions, in which the dis¬ 
solved particles are in the form of molecules and ions. Between 
these two extremes lie the colloidal solutions. Whether a dispersed 
system is a true solution, a colloid or a coarse suspension does not 
depend upon the nature of the substance, but solely upon the size 
of the dispersed particles. 

Dispersed systems may be roughly classified as follows: 

(1) Suspensions and emulsions in which the diameter of the 
solid or liquid particles is greater than 0.1 m-* 

(2) Colloidal solutions or sols, in which the diameter of the 
dispersed particles lies between 0.1 /i and 1 m/i.* 

(3) True solutions or molecular dispersions in which the diam¬ 
eter of the dissolved particles is less than 1 mu. 

The dispersed phase may be a solid, liquid or gas; and likewise 
the dispersion medium may also exist in one of these three states 
of matter. Thus, when a solid is dispersed in a gas such as air, 
the dispersed system is a smoke. A fog consists of a liquid dis¬ 
persed in a gas. 

Suspensoids and Emulsoids. From the standpoint of analytical 
chemistry, the most important colloidal solutions or soZs, as they 
are now briefly called, are those in which solids are dispersed in 
water as the medium. Two classes may be distinguished, viz., 
suspensoids and emulsoids. 

(a) Suspensoids. To this class belong the sols of such sub¬ 
stances as arsenious sulphide, Prussian blue, ferric oxide, silver 

* A micron, generally derignated by the symbol Mi is one thousandth of a milh> 
meter 0.001 mm. or 10~* mm. A millimicron, m^, is one thousandth of a micron 
» 0.001 M or one millionth of a millimeter, 10~* mm. 
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halides and the metals. The sols of these substances differ very 
slightly from water in their viscosity and surface tension. When 
the sol is evaporated to dryness, the residue does not return to the 
colloidal state on treatment with water. For this reason, they are 
sometimes called irreversible sols. Because of their property of 
not taking up water, they are sometimes called hydrophobic sols. 

(b) Emulsoids. This group includes sols of such substances as 
gelatin, starch, albumen and otlu^r organic substances. The sols 
of these substances have a viscosity considerably greater than that 
of water. Because of their resemblance to emulsions, tlu^y are 
called emulsoids. They are reversible in the sense that when evap¬ 
orated to dryness they may be made to reassumc the colloidal state 
by treatment with water. Since they take up water, they are some¬ 
times called hydrophillic sols. Emulsoids are generally pn^pared 
by treating any one of the above-mentioned substances with hot 
water. On cooling, a gel is formed (distinction from suspensoids). 

The Preparation of Colloids. Since the dispersed particles of a 
colloid are intermediate in size between those of a true solution and 
coarse suspension, two methods of preparation naturally suggest 
themselv/ 2 s. By various methods we may reduce coarse material 
to the size of colloidal particles. This is the ‘'dispersion method. 
Or by appropriate means we may cause the molecules of a true 
solution to coalesce into larger aggregates. This is the “ condensa¬ 
tion method.^’ 

As an illustration of the dispersion method, which is often called 
peptization, we may cite the preparation of colloidal CdS. If 
precipitated CdS is thoroughly washed, suspended in water and 
then treated with H 2 S, an opalescent sol of CdS will result. In 
this process, the H 2 S peptizes the coarse particles of CdS. Certain 
types of clay and other mineral substances when ground sufficiently 
under water will yield colloidal solutions. A striking and effective 
means of producing sols of such metals as Au, Ag and Pt was 
devised by Bredig. It consists of forming an electric arc under 
water between rods of these metals. A little sodium hydroxide is 
added to the water to stabilize the sol. 

Examples of the condensation method are: the formation of an 
AS 2 S 3 sol by passing H 2 S into an aqueous solution of AS 2 O 3 or 
sodium arsenite, and the production of ferric hydroxide sol by pour¬ 
ing a strong solution of FeCL into boiling water. The AS 2 S 3 and 
Fe(OH) 3 , which form in these reactions, do not separate as precipi- 
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tates under the conditions mentioned, but collect in aggregates 
of colloidal dimensions. The re(OH )3 sol may be stabilized by 
removing the HCl by dialysis. Silicic acid sol may be prepared 
in a similar manner by pouring sodium silicate into an excess of 
HCl and dialyzing the product. 

Some Properties of Colloids. When a beam of light is passed 
horizontally through a colloidal solution, its path in the solution is 
illuminated by the reflection from the colloidal particles. This is 
known as the Tyndall effect. If the illuminated beam is examined 
by means of a microscope arranged at right angles to the beam, 
the latter is found to consist of a myriad of illuminated particles 
in constant motion* (Brownian movement). This arrangement of 
microscope and beam of light is known as the ultra-microscope. 
By means of the latter it is possible to reveal the presence of col¬ 
loidal particles too small to be visible directly with the microscope. 

The incessant Brownian movement of colloidal particles is said to 
be caused by the continual bombardment by the molecules of the 
dispersing m(;dium. That colloidal particles do not coalesce into 
larger particles and settle is due to the fact that they carry electrical 
charges of the same sign and hence repel one another. The electric 
charge of a colloid may be demonstrated by placing a colloidal 
solution, such as an AS 2 S 3 sol, in the bottom of a U tube and addiijg 
water to each limb. If the electrodes of a battery are introduced 
into the limbs, the colloid will migrate towards one of the poles, 
thus exhibiting the kind of charge it possesses. Most colloids, 
such as those of sulphides, the metals, silicic and stannic acids, are 
negative. Some, however, such as the sols of the hydroxides and 
oxides of metals, are positive. 

Many theories have been advanced to account for the electric 
charges possessed by colloids. One thc^ory ascribes the charge to 
adsorption of ions during the formation of the sol. Thus, if in 
the precipitation of AgCl an excess of Ag*^ is present, a sol of AgCl 
forms having a positive charge. The reverse is the case when an 
excess of the halogen ion is present. 

Precipitation of Colloids. In order for a colloid to precipitate, it 
is necessary for the colloid particles to coalesce into larger aggre¬ 
gates, and when the latter become sufficiently large, precipitation 

♦ Emulsoids such as gelatin and starch sols show only a diffused light when 
examined ultra-microscopically, due not to the absence of particles of colloidal 
ilimensions but to the fact that the refractive index of the colloid differs very little 
froJn that of the dispersing medium. 
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takes place. For under these conditions, the effect of gravity 
greatly exceeds the dispersing action of the Brownian movement. 
Coalescence is, however, prevented by the mutual repulsion of the 
particles, all of which in any given colloid carry similar electric 
charges. If this theory of precipitation is correct, then on mixing 
oppositely charged colloids in the proper proportion, the charges 
on both should be neutralized and both colloids should precipitate. 
Experiment confirms this supposition; for on mixing sols of Fc(OH )8 
and AS 2 S 3 in the correct proportions, both sols are precipitated. 

' Colloids are generally coagulated by the addition of electrolytes. 
In this case neutralization of the charge on the colloid is effected 
by an adsorption of the oppositely charged ion of the electrolyte. 
Thus, on adding HCl to an AS 2 S 3 sol, precipitation of AS 2 S 3 takes 
place because the negative charge of the AS 2 S 3 sol is neutralized by 
the positively charged H3O ion. For a given sol the quantity of 
electrolyte required to effect coagulation varies with the electric 
charge of the ion. The higher the valence of the ion, the greater is 
its precipitating power. Thus, Svedberg found that the efficiency 
of the ions K+, Ba+‘‘" and Al'^'^+ as coagulants for AS 2 S 3 sol may be 
roughly expressed by the ratio 1 : 20 : 1000 . Similarly the diva¬ 
lent SO 4 ” is much more effective than the monovalent Cl” in pre¬ 
cipitating Fe(OH )8 sol; while the trivalent anion Fe(CN) 6 ~ is still 
more potent as a coagulant. It must be borne in mind that when 
the amount of electrolyte added greatly exceeds the quantity re¬ 
quired to precipitate a given sol, the excess will have the effect of 
peptizing the colloid. The ultimate result will be that the colloid 
will have its charge reversed but will remain unprecipitated. 

While electrolytes are effective coagulants for suspensoids, they 
do not, when present in moderate concentrations, cause the aggluti¬ 
nation of emulsoids. Only when the electrolyte is added in exces¬ 
sively large quantities does precipitation of the emulsoid take 
place. 

Protective Colloids. The addition of a relatively small quantity 
of an emulsoid to a suspensoid stabilizes the latter in the sense 
that it cannot readily be precipitated by electrolytes. In this 
process, a protective film of the emulsoid is probably formed, by 
adsorption over the surface of the suspensoid particles; the latter 
are thus prevented from coalescing into Jarger aggregates. Sub¬ 
stances like gelatin, albumen and starch which act in this manner 
are therefore called protective colloids. If, to a solution of silver 
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nitrate containing 1 % of gelatin, we add some NaCl, the insoluble 
curdy precipitate of AgCl does not form, but instead an opalescent 
liquid is produced due to the formation of AgCl sol. One of the 
reasons is thus seen for destroying organic matter before beginning 
the systematic analysis for metals. 

Some Applications of Colloids to Analytical Chemistry. Since 
the colloidal state is intermediate between coarse suspensions and 
true solutions, it seems highly probable that in every case of pre¬ 
cipitation, the substance passes through i he colloidal state; con¬ 
versely, that in every instance where an insoluble substance is taken 
into solution, i.e., dispersed into particles of molecular dimensions, 
it too must pass through the colloidal state. The reason the col¬ 
loidal state is so infrequently encountered in qualitative analysis 
is that in practically all of the processes, electrolytes are present 
and emulsoids are absent. Occasionally, however, as in the 
process of washing a precipitate, when the electrolyte is dissolved 
out by the wash water, we find hydroxides and sulphides passing 
through the filter in the colloidal state. For this reason, some 
electrolyte, as NH4NO3, is added to the wash water. In carrying 
out precipitation reactions, a moderate excess of the reagent is 
added not only to render the precipitate less soluble but also to 
prevent the formation of the colloidal state. A large excess of the 
reagent must be avoided for two reasons: ( 1 ) it increases the 
solubility of the precipitate, by the formation of complex ions; 
( 2 ) it peptizes the precipitate, thus preventing complete precipita¬ 
tion. While in the precipitation of Group 2 metals with H 2 S, acid 
is added to prevent the ions of Group 3 from co-precipitating, it 
also serves the important purpose of preventing AS 2 S 8 and SnSs 
from remaining in the colloidal state. 




PART II 


THE METAL IONS AND THE ANIONS 

THE ANALYTICAL CLASSIFICATION OF THE 
METAL IONS 

Experiments show that eertain metal ions behave similarly when 
treated with a given reagent. Thus, on adding a slight exeess of 
dilute HCl to a solution eontaining all the common metal ions * a 
precipitate is obtained consisting of the chlorides of Ag+, Pb^"^ 
and Hg 2 '^'^. These metal ions are therefore classed together and 
collectively are known as Group 1, because H(U is the first reagent 
which is added to an unknown in systcanatic metallic^ analysis. 
In a similar manner, by the successive action of other reagents, the 
remaining metal ions may be separated into groups. The classifi¬ 
cation of the common metal ions, together with the compounds 
which they form in systematic analysis, is shown in the following 
table. 


Group 1 

Group 

Group 3 

Group ,lf 

Group 0 

Reagent: 
HCl 

Reagent: 

H 2 S in the 
presence of 
0.3 M HCl 

Reagent: 

NIL, 

H 2 S + 

NH,C1 

Reagent: 

{mUoVih H- 
NH.Cl 

No reagent 

Precipitate 

Precipitate 

Precipitate 

Precipitate 

Solution 

AgCl 

Hg.Cl, 

PbCli 

HgS, PhS 
1312^^3, CuS 
CdS, AS 2 S 3 
Sb2S3, SnS2 

AKOlDa, 

Cr(OH)3, 

FeS, NiS, CoS 
MnS, ZnS 

BaCOs 

SrCOa 

CaCO;, 

* Mg++ 

Na-*- 

NHC 


It is assumed in the above table that the reagent H 2 S is added, not 
to the original solution, but to the centrifugate obtained after 

* For a study of the rarer elements see Browning, An Introduction to the Rarer 
Elements, Wiley & Sons (1917); Noyes and Bray, Qualitative Analysis for the Rare 
Elements, The Macmillan Co. (1927); Curtman, An Introduction to the Analytical 
Chemistry of the Rarer Elements (1922). 
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centrifuging and separating the Group 1 precipitate; likewise, the 
third group reagent is added after the metal ions of Groups 1 and 2 
have been successively precipitated and removed. Each group 
reagent, therefore, separates its group of metal ions from those 
which follow and not from those which precede it in the regular 
order. 

From the above classification it is clear that 

Group 1 comprises those metal ions whose chlorides are insolu¬ 
ble in water * and in dilute acids; they are therefore precipitated 
by dilute HCl. 

Group 2 includes those metal ions which are not precipitated 
by dilute HCl but whose sulphides may be precipitated by H2S 
in a 0.3 Af HCl solution. 

Group 3 comprises those metal ions whose sulphides are not 
precipitated by H2S in a 0.3 M HCl solution but whose hydroxides 
or sulphides may be precipitated by H2S from solutions alkaline 
with NHs and containing NH4Cl.t 

Group 4 includes those metal ions whose sulphides or hydroxides 
are not pi:ecipitated by the reagents of Groups 2 and 3 but whose 
carbonates may be precipitated by (NH4)2C03 in the presence of 
NH4Cl.t 

Group 5 comprises the remaining metal ions whose chlorides, 
sulphides, hydroxides and carbonates are soluble in the presence of 
NH4CI. They are therefore not precipitated in any of th© previous 
groups. 


THE METALS OF GROUP 1 

SILVER, LEAD AND MERCURY (OUS) 
Reactions of the Silver Ion 

1. Hydrochloric Acid or a Soluble Chloride gives a white curdy 
precipitate of silver chloride (AgCl) which darkens on exposure to 
light. The precipitate is insoluble in water, the solubility being 
1.6 X 10~® g. per liter; it is also insoluble in dilute acids. When 


^ PbClt is slightly soluble in water. 

t The latter must be present to prevent Mg(OH)2 from precipitating, 
t The latter must be present to prevent Mg(OH)2 or MgCOs from precipitating. 
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treated with ammonia solution,* AgCl dissolves, owing to the 
formation of the complex ion [Ag(NH3)2]'^. 

Ag+ + Cl-;e:iAgCi 
AgCl + 2 NHa ^ [Ag(NH 3 ) 2 ]^ + Cl~ 

From the ammoniacal solution, AgCl may be reprecipitated oy 
the addition of nitric acid or oxonium ion,t H3O+. 

[Ag(NH 3 ) 2 ]-'^ + Cl- + 2 ^ AgCl + 2 NHC 

The above reaction is not an exceptional one, but a rather general 
case of the manner in which a fairly stable complex ion {K — 10“^ approx¬ 
imately) may be completely dissociated into its components, if one or 
both of the latter are removed as fast as they are formed. An ammoniacal 
solution of AgCl contains not only all the Cl“ (originally present in the 
AgCl) and the complex ion [Ag(NH3)2l‘^, but also the dissociation products 
of the latter, viz.: Ag"^ and Nils with which it is in equilibrium 

[Ag(NH3)2]^^Ag+ + 2NH3 

The above reaction jiroceeds only to a very small extent from left to 
right, particularly in the presence of an excess of NH3. As a consequence, 
the CAg+ is exceedingly small. Now on slowly adding HsO''", some of the 
NH3 is neutralized with the formation of NIL^. The reduction in the 
Cnh 3 promotes the dissociation of the complex ion with the consequent 
increase in the CAgf. With the continued addition of HaO^, the dissocia¬ 
tion of the complex is accelerated; for now, not only is the NH3 removed 
as fast as formed, but the CAg+ quickly builds up to a concentration which 
causes it to precipitate as AgCl (principle of the S. P.). It must be clear 
to the reader that when the solution is acidified, the complex ion will have 
been completely dissociated and that practically all the Ag"^ will have 
precipitated as AgCl and all the NH3 will have become converted into 
NH4-". 


Silver chloride dissolves appreciably in cone. HCl as well as in 
concentrated solutions of alkali chlorides, particularly on heating. 

♦ The Bo-called ammonium hydroxide reagent is a solution of NHa gas in water. 
A very small portion of the dissolved NHb reacts with the water according to the 
equation 

NHa -h HzO NH4+ + OH- 

The undissociated base NH4OH is purely hypothetical, since satisfactory experi¬ 
mental evidence for its existence is still lacking. At very low temperatures, a com¬ 
pound having the formula NHa • H2O has been shown to exist, but this doee 
prove that such a compound exists in solutions at the laboratory temperatures. 

t In all chemical equations for the sake of simplicity, we shall employ the un¬ 
hydrated hydrogen ion, H’’", for the oxonium ion, HaO"^. The reader must however 
remember that it is the latter and not the former that is actually present in all 
aqueous solutions. 
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The solubility is probably due to the formation of the complex 
anion AgClrr 

AgCl + 2 Cl- ;=± [AgCU]^ 

On dilution, AgCl reprecipitates. 

Solutions of potassium cyanide and sodium thiosulphate readily dis¬ 
solve AgCl. 

AgCl + 2 C.N- Ag(CN) 2 - -f- Cl- 

From the solution of AgCl in Na^S^Oa, the complex salt, (Na 2 S 203)2 
Ag 2 S 203 , or Na 4 lAg 2 (S 203 ) 3 ], has been obtained; hence the solution prob¬ 
ably contains the complex ion lAg 2 (S 203 ) 3 ]""“ and the ionic equation is 
therefore 


2 AgCl + 3 S 2 O 3 - ^ [Ag2(S203)T'“ + 2 Cl- 

The insoluble salt Ag 2 S 203 first forms, but dissolves in an excess of 
thiosulphate to yield the complex ion giv'en in the above equation. This 
reaction is of great im[)ortance in photography. For by its means, the 
unchanged silver bromide is dissolved by the thiosulphate solution (hypo). 

When cautiously heated, silver chloride fuses without decomposition. 
AgCl is somewhat soluble in Hg(N() 3)2 solution due to the formation of 
[HgCb]“. For further properties of AgCl sec Reaction 1 under Chlorides, 

2 . Hydrogen Sulphide and Soluble Sulphides precipitate black 
silver sulphide, Ag 2 S, extremely insoluble in water, the solubility 
being 1 X 10"^^ g. per liter. It is insoluble in cold dilute acids, 
alkali hydroxides, alkali sulphides and in dilute potassium cyanide 
solutions. The i)re(npitate dissolves readily in dilute nitric acid, 
yielding Ag+, NO, S and H 2 O. 

The action of dilute HNO3 on AgjB is not peculiar to this compound. 
A similar reaction takes place with the sulphides of Pb, Bi, Cu, Cd, Ni, 
Co, Mil, Zn and the sulphides of many other metals. It should therefore 
be thoroughly understood. In writing the equation, it is best, at first, to 
write it in skeleton form. To do this we must know the reactants and the 
products. 

Ag 2 S + -f NO 3 - Ag+ -f NO + S + H 2 O Incomplete 

This is evidently a redox reaction and hence should, be resolved into 
two partial equations, one showing oxidation and the other reduction. 
The partial oxidation equation is: 

Ag 2 S —> 2 Ag"^ -f- S “b 2 e ( 1 ) 

To balance this equation, it is evident that 2 electrons must be added to 
the right side of the equation. 



SILVER 


131 


Now reaction (1) cannot proceed unless some substance is present that 
is capable of taking up the electrons given up. This is the function of 
the oxidant, the nitrate ion. When the nitric acid is dilute, the reduction 
product is NO. We may tentatively write the second partial as follows: 

NO.r -> NO 

Of course, this is incomplete. As a matter of fact, this reduction does not 
proceed except in the presence of a fairly high concentration of A 

glance at the above equation shows that there are two atoms of ox 3 ^gen 
to be disposed of. These will reciuire 4 H"* to form 2 II 2 O. Hence the 
equation now becomes 

N03“ + 4 IE NO + 2 H 2 O 

This is an ionic equation and must be balanced electrically. The net 
charge on the left is -f 3, while that on the right is 0. To equalize the 
charges, 3 electrons must be added to the left-hand side, giving 

NOr -1- 4 II' + 3 e ^ NO + 2 li-^O (2) 

Since the gain of electrons must be equal to the loss, it will be necessary 
to multiply equation (l)-by 3 and (2) b^^ 2 before combining them. Adding 
(1) and (2), we get 

3X Ag2S r±2Ag+ + S4-2c (1) 

2 X NOa" + 4 H+ -h 3 c ^ NO + 2 H 2 O (2) 

3 Ag2S -h 2 NO 3 - + 8 ^ 6 Ag+ -f 3 S + 2 NO + 4 HoO 

It is not, as a rule, necessary to write the molecular equation corre¬ 
sponding to each ionic equation. However, if for purposes of calculation, 
this should be necessary in this case, it can be readily done. Since all the 
IE is supplied by the HNO3, and since 8 H' appears in the equation, it 
follows that 8 molecules of HNO3 will be required. It is well to note in 
this connection that only two of them function as oxidants. The other 6 
are necessary to form 6 AgNOa. The molecular equation then becomes 

3 Ag 2 S + 8 IINO 3 6 AgNOa + 3 S + 2 NO + 4 H 2 O 

3. Sodium Carbonate precipitates white silver carbonate, 
Ag 2 C 03 , becoming slightly yellow, due to partial decomposition 
into Ag 20 and CO 2 . 

4. Soluble Bromides and Iodides precipitate respectively light 
yellow AgBr and yellow Agl, possessing properties similar to those 
of the corresponding chloride. They are, however, more insoluble 
in water than the chloride. A liter of water at 20° dissolves 
8.4 X 10-^ g. of AgBr and 3.5 X 10“® g. Agl. AgBr is only slightly 
soluble in NHs, while Agl is practically insoluble in this reagent. 
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Like AgCl, the bromide and iodide dissolve readily in KCN and 
Na2S208. They are also somewhat soluble in concentrated solu¬ 
tions of the corresponding halogen salts. 

Reactions of the Lead Ion 

1. Hydrochloric Acid and Soluble Chlorides give, with solutions 
of lead salts which are not too dilute, a white precipitate of PbCL 
somewhat soluble in cold and considerably more soluble in hot 
water. 

Pb++ + 2 Cl- PbCL 

A liter of water dissolves 9.9 g. of PbCU at 20° and 33.4 g. at 100°. 
From tne hot solution, on cooling, PbCL separates in the form of 
needles. PbCL is less soluble in dilute HCl or NaCl solution than 
in water (common ion effect). The case is reversed when the acid 
or salt solution is concentrated, owing to the formation of the 
complex ion [PbCL]”: 

PbCL + 2 Cl- [PbClJ- 

When the solution of the complex ion is diluted PbCU precipitates. 
The presence of a high concentration of HNO3 hinders the precipi¬ 
tation of large amounts of lead by HCl. 

Despite the diminished solubility of PbCb in water containing HCl, 
sufficient PbCU remains unprecipitated by HCl to render the latter 
inadequate as a reagent for the detection of small amounts of lead. Hence 
(1) lead is precipitated and detected in Group 1 only when present in 
large amounts and in the absence of much nitric acid. (2) Owing to its 
relatively large solubility, PbCU is never completely precipitated in 
Group 1. (3) When precipitated in Group 1, it will also be detected in 
Group 2, because of the vastly greater sensitiveness of H 2 S as a precipitant 
for lead. In systematic analysis, lead is completely precipitated and re¬ 
moved in Group 2. 

Ammonia changes PbCh to a basic chloride Pb(OH)Cl. The latter is 
extremely insoluble in water and exhibits a tendency to become colloidal. 
An excess of NH3 changes PbCL into Pb(OH) 2 . 

2. Dilute Sulphuric Acid and Soluble Sulphates precipitate 
white PbSOi practically insoluble in water (4.3 X IQ-^ g. per liter), 
but much more insoluble in dilute sulphuric acid or in alcohol. 
For this reason, in precipitating lead from dilute solutions, it is 
desirable to add an excess of dilute sulphuric acid. Lead sulphate 
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is soluble to some extent in dilute nitric acid, owing to the forma¬ 
tion of the relatively weak acid, HS04“. 

PbS04 + Pb++ + HSO4- 

To precipitate lead completely as the sulphate, the solution after the 
addition of the H2SO4 should be evaporated until SO3 fumes appear. 
This operation will eliminate the volatile acids, such as UNO3 or HCl, 
wliich have a solvent action on the PbS04. After cooling, the mixture is 
treated with water, when practically all the lead will separate as PbS04, 
Caustic alkalies as well as hot concentrated aqueous solutions of ammo¬ 
nium acetate or ammonium tartrate readily dissolve lead sulphate. From 
these solutions, lead sulphate may be reprecipitated by adding dilute 
sulphuric acid. 


PbS 04 + 3 OH- Pb(OH) 3 -’ + SOr 
PbS04 + C2H3O2" Pb(C2H302)+ -F S04“ 

The solution of PbS04 in ammonium acetate is due to the formation of 
Pb(C2H302)'^, which, in the presence of an excess of acetate ion, is fairly 
stable.* On adding dilute H2SO4 to the solution, the above reaction is, 
reversed with the precipitation of PbS04. From the NH4C2H3O2 solution 
of PbS04, potassium chromate will precipitate PbCr04 (see Ix^low). 

PbS04 may be transposed quickly into the corresponding carbonate by 
boiling it with a concentrated solution of Na2C08. 

PbS 04 + CO3-" ^ PbCOa + SO4- 

PbCOs is more insoluble than PbS04, the solubility of the former being 
6 X lO”'* g. per liter. Hence in the presence of an excess of COa", the 
reaction goes to the right. This reaction is utilized in getting PbS 04 into 
solution when mixed with other insoluble substances. 

3. Potassium Chromate precipitates lead chromate, PbCr04, 
readily soluble in sodium hydroxide, soluble with difficulty in 
dilute nitric acid but insoluble in ammonia as well as in acetic 
acid. It is only very slightly soluble in water (2 X 10~^ g. per 
liter). 


Pb++ + Cr04" PbCr04 

From an ammonium acetate solution of PbS04, potassium chro¬ 
mate quantitatively precipitates PbCr04. 

Pb(C2H,02)2 + Cr04“ PbCr04 + 2 CaHsOa- 


♦ Edmonds and Bimbaum, J. A, C. 5., 6$^ 2367 (1940). 
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4. Hydrogen Sulphide precipitates black PbS from neutral, 
alkaline, as well as from slightly acid, solutions. 

Pb++ + H2S ?:± PbS + 2 

From solutions containing much HCl, hydrogen sulphide either 
fails to yield a precipitate or else produces a red precipitate of lead 
sulphochloride, Pb2SCl2; the latter is gradually converted into the 
black sulphide by diluting the solution and passing in more H2S. 
The change may also be effected by treating the precipitate with 
ammonium sulphide. Lead sulphide is insoluble in alkali hydrox¬ 
ides containing a small concentration of S"". It is also insoluble in 
alkali sulphides and in dilute acids. It dissolves readily in hot 
dilute nitric acid with the separation of sulphur. 

3 X PbS ^ Pb++ + S + 2e 

2 X NOa- + 4 H+ + 3 c ^ NO + 2 H2O 

3 PbS + 2 NOa- + 8 11+ ^ 3 Pb++ + 3 S + 2 NO + 4 H2O 

The extreme insolubility of PbS in water (4.9 X g. per liter) 
(‘xplains why H2S is such a sensitive reagent for tlie detection of 
lead. In a neutral solution containing one part of lead in 100,000 
parts of water, th(^ lead may be detect(‘d by H2S. 

Hot concentrated HNO3, as well as 11202, oxidizes PbS to the 
sulphate. 

PbS + 4 H2O ^ PbS04 + 8 H+ + 8 e 
8 X NOa“ + 2 H+ + 1 c ^ NO2 + H2O 

PbS + 8 NOa" + 8 H+ PbS04 + 8 NO2 + 4 H2O 

Reactions of the Mercurous Ion 

It has been experimentally established that the mercurous ion 
exists in the associated form, Hg2+^ in its compounds as well as 
in solution. 

1. Hydrochloric Acid and Soluble Chlorides give with solutions 
of mercurous salts a white precipitate of Hg2Cl2 (calomel) insol¬ 
uble in water and in cold dilute nitric acid. Its solubility in water 
is 2.1 X 10“*'^ g. per liter at 18*^. 

Hg2+++ 2 Cl-HgaCL 

Ammonia solution converts calomel into a black mixture of finely 
divided mercury (black) and mercuric arnidochloride (white) 

HgaCL + 2 NHa Hg(NH2)Cl + Hg + NH4+ + CE 
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The black mixture dissolves in aqua regia, yielding HgCU*. 

Equation for the Action of NHs on Hg 2 Cl 2 . In skeleton fonn it is 

HgiClo -f NH3 5=^ Hg(NH2)Cl -|- Hg Incomplete 

This is clearly an internal redox reaction since some Hg2Cl2 undergoes 
oxidation and some reduction.* The partial equation showing oxidation 
and written in skeleton form is 


IlgiClo -f 2 NH3 2 Hg(NH2)Cl Incomplete 

This obviously requires 2 molecules of NHs, yielding 2 Hg(NH2)Cl 
4- 2 But since we always add an excess of Nils, the 2 lU would 
unite with 2 additional moles of NH3 to give 2 NH4“^. Hence the first 
partial equation becomes 

Hg 2 Cl 2 + 4 NH 3 2 Hg(NH 2 )Cl -f 2 NHC + 2 c (1) 

It was necessary to add 2 electrons to the right-hand side to balance the 
equation electrically. The second partial equation is 

Hg2Cl2 + 2 c ^ 2 Ilg 4 2 Cl- (2) 

Adding (1) and (2), we get for the final equation 

2 Hg2Cl2 + 4 Nils ^ 2 Hg(NH2)Cl -f 2 Hg + 2 NIU^ -f 2 Cl” 

We can simplify this equation by dividing it throughout by 2. 

Action of Aqua Regia. Aqua regia is a mixture of concentrated HCl 
and concentrated HNO3. Essentially it is a solution containing a high 
concentration of Cl", IU‘ and the oxidant NOs". A strong solution of 
H2SO4 containing NaNOs and NaCl would have the same effect as aqua 
regia, but a solution of acetic acid containing the same salts would not 
because acetic acid does not yield a high concentration of H^. The func¬ 
tion of the Cl~ is to form either a stable complex ion as PtCb”, AuCU”, 
HgCU” or a cliloride which dissociates very little, as HgChi. Since all 
reactions brought about by aqua regia are redox reactions, they should be 
developed by writing two partial equations, one showing oxidation and the 
other reduction. The partials showing the solution of Pt, Au, IJg and HgS 
in aqua regia are respectively as follows: 

Pt 4 6 Cl- PtCle- 4 4c 
Au 4 4 Cl” AuCU" 4 3c 
Hg4 4Cl-^HgClrt4 2c 
HgS 4 4 Cl- ^ HgClr 4 S 4 2 e 

* That this is the case is evident from the fact that while the valence of Pig in 
Hg 2 Cl 2 is -f-1, it is zero in Hg and -f-2 in Hg(NH 2 )Cl. In the latter the valence of 
N in the NH 2 grdup is the same as it is in NHs, viz. —3. 

t The formation of HgCb would assist the solution of Hg or HgS, but since 
an excess of Cl” is present, it is more probable that the highly undissociated com¬ 
plex HgCU” would form. The latter is in equilibrium with HgCl^ according to the 
equation 

HgClr HgCb 4 2 Cl” 
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In all of the above partial equations electrons are lost. Hence we need 
in each case an oxidant, which on reduction will take them up. The 
function of the nitrate ion, then, is to take up the electrons; however, 
to do this, as the final equation shows, a high concentration of is re¬ 
quired. With aqua regia j the predominating reduction product of the 
nitrate ion is NO. Hence the partial equation is the same, as that given 
for the reduction of nitric acid when it acts on Ag2S (see p. 131), viz.: 

NO3- + 4 H+ + 3 c ?:± NO + 2 H2O 

By combining this partial equation with any one of the above, we get the 
final ionic equation for the action of aqica regia on Pt, Au, Hg or HgS. 
Before adding the partials, it will be necessary in each case to multiply 
each equation by a factor making the number of electrons involved in 
each equation the same. Thus for Pt we have 

3 X Pt -f 6 Cl- PtCh- + 4 e 

4 X NOa- 4- 4 -f 3 c ^ NO + 2 H2O _ 

3 Pt + 4 NOa- + 18 Cl~ PtCle" + 4 NO + 8 H2O 

The Equation for the Solution of Hg(NH 2 )Cl + Hg in Aqua Regia. 

Since this is a mixture of two substances, we must consider the action of 
the solvent on each component separately. For the solution of Hg we have 

3 X Hg + 4 CF ^ HgClr + 2 e 

2 X NOa- + 4 H-^ -I- 3 6 ^ NO + 2 H2O _ 

3 Hg -f 2 NOa- + 8 H+ + 12 Cl- 3 HgClr -f 2 NO + 4 H2O 

Similarly for the solution of Hg(NH2)Cl, we have 

Hg(NH2)Cl + 3 Cl- ^ HgClr + i N2 -f 2 H+ + 3 e 

_ NOa- + 4 H^ -f 3 c NO -f 2 H2O _ 

Hg(NH2)Cl+3 Cl--f NOa-+2 H+ ^ HgClr+i N2-f NO+2 H2O 

Equations for the Reactions Involved in the Confirmatory Test for 
Mercury. See Note 9, p. 257. 


THE METALS OF GROUF 2 

MERCURY (IC), LEAD, BISMUTH, COPPER, CADMIUM, 
ARSENIC, ANTIMONY AND TIN 

Reactions of the Mercuric Ion 

1. Hydrogen Sulphide when passed into a solution of HgCL 
produces a precipitate, at first white, then yellow, brown and 
finally black. These intermediate light-colored precipitates are 
mixtures of HgCL and HgS in varying proportions; they are sol- 
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uble in nitric acid and are converted into HgS by further treatment 
with H2S or with alkali sulphide. 

3 HgCU + 2 H2S -> (HgCb • 2 HgS) + 4 + 4 01“ 

(HgCl2 • 2 HgS) + H2S 3 HgS + 2 H+ + 2 Cl" 

Of all the compounds of mercury, the sulphide dissolves in water 
to the least extent (the solubility being about 4.6 X 10"-^ g. per 
liter). Hence all other mercuric compounds are convertible into 
the sulphide because the latter yields the smallest concentration 
of Hg"^. Mercuric sulphide when washed free of soluble chloride 
or hydrochloric acid is practically insoluble in boiling dilute nitric 
acid (distinction and method of separation from Pb, Bi, Cu and 
Cd). It is also insoluble in dilute HCl and H2S()4. Prolonged 
boiling with strong nitric acid converts it into the white compound 
2HgS*Hg(N03)2. 

It dissolves to some extent in Na2S or K2S or in KOH contain¬ 
ing S“, due to the formation of the complex ion [HgS2]”. 

HgS + S““;=^[HgS2]- 

On dilution, exposure to the air or acidification, HgS repre¬ 
cipitates. 

[HgS2]‘= + H2O HgS + HS- + OH" 

[HgS2]““ + 2 H+ HgS + H2S 

Mercuric sulphide may be readily dissolved by aqua regia, 
bromine water, chlorine water or a mixture of HCl and KCIO3. 
The equation for the action of aqua regia (see p. 135) is as follows: 

3 X HgS + 4 Cl- ^ HgCl - + S + 2e 

2 X NO3- + 4 H+ + 3 e ^ NO + 2 H2O 

3 HgS + 12 Cl- + 2 NOa” + 8 H+ ^ 3 HgClr + 2 NO 

+ 4 H2O + 3 S 

2. Stannous Chloride. The addition of this reagent in small 
quantity gives with HgCU * a white precipitate of Hg2Cl2 

2HgCls + 2e^ Hg2Cl2 + 2 Cl“ 

Sn++ + Q Cl-SnClr + 2e 
2 HgCla + Sn++ + 4 Cl" HgaCU + SnCh^ 

♦ For the equation for the action of Sn^"^ on HgCh**, see Note 0, p. 2.>‘" 
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On further addition of SnCL, the whit-(^ Hg 2 Cl 2 is reduced to a 
grey precipitate of metallic mercury. 

HgsCL + 2 c ^=± 2 Hg + 2 Cl- 
Sn++ + 6 Cl- SnClr + 2 e 
HgaCL + Sn++ + 4 Cl- 2 Hg + SnCle"* 

Reactions of the Bismuth Ion 

1. Water wiien added in large quantity to a solution of bismuth 
ions precipitate's white basic salts. The chloride gives BiOCl, the 
nitrates BiONOa and the sulphate (Bi 0 ) 2 S 04 . These basic salts are 
soluble in dilute inorganic acids and are changed by H 2 S to Bi 2 S 3 . 

Bi+++ + Cl- + H 2 O ^ BiOCl + 2 H+ 

2 BiOCl + 3 H 2 S ^ Bi2S3 + 2 H+ + 2 Cl- + 2 H 2 O 

2. Ammonia, Sodium or Potassium Hydroxide precipitates 
white Bi(OH )3 insoluble in an excess of cold NaOH or KOH solu¬ 
tion (distinction from Sb and 8n). It is also insoluble in an excess 
of NH 3 (distinction and method of separation from Cu'^'*" and 
Cd++). 

Bi+++ + 3 0H-^Bi(0H)3 

The precipitate dissolve's readily in acids. 

3. Hydrogen Sulphide yields with bismuth ious a dark brown 
precipitate of Bi 2 S 3 . 

2 Bi+++ + 3 H 2 S ^ BiaSs + 6 H+ 

Bismuth sulphide is insoluble in cold dilute acids and in KOH 
solution, but dissolves in boiling dilute nitric acid as well as in hot 
concentrated HCl. 

Bi2S3^2Bi+++ + 3S + 6 e 
2 X NO 3 - + 4 H+ + 3 6 ^ NO + 2 H 2 O 

BiaSa + 2 N03~ + 8 H+ ?::± 2 Bi+++ + ¥ S + 2 NO + 4 H'^O 

4. Sodiiun Stannite (prepared by adding NaOH to SnCb till 
the precipitate which first forms dissolves) reduces bismuth ions 
as well as its compounds, yielding a black precipitate of metallic 
bismuth. 

2 X Bi(OH)3 + 3 e Bi + 3 OH" 

3 X_ Sn(OH)3- + 3 QH“ Sn(OH)6- + 2 e 

2 Bi(OH)3 + 3 Sn(OH)3- + 3 OH- ^2Bi + 3 Sn(OH)6-“ 
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In the stannite ion, Sn(OH) 3 -, the tin has a coordination number of 
3 while in the stannate ion, Sn(OH) 6 “, the coordination number is 6 . 

Reactions of the Cupric Ion 

1. Ammonia, when added in (considerably diluted form and in 
very small (luantity, precipitates a light blue basic salt easily 
soluble in an exc(^ss of the reagent with the formation of a deep 
blue solution due to the formation of the complex ion [Cu(NH 3 ) 4 ]++ 

2 Cu+++S 04=+2 NH 3+2 H 2 O ^ Cu 2 ( 0 H) 2 S 04+2 NII4+ 

Cu2(OH)2S04+8 NHs ^ 2[Cu(NH3)4]+-+ + S04-'+2 OH- 

In the presence of ammonium salts or free acid, the concentra» 
tion of the OH“ may be so reductcd that the blue solution will 
form without the iiit('rm('diate formation of the ])asic salt. 

[Cu(H20)4l+-^ 4- 4 NHa ^ [Cu(NH3)4]++ + 4 H 2 O 

In the aquo as well as in the ammonia complex, the (cupric ion 
has a coordination number of 4. 

Since the blue color is given by very dilute solutions of Ci4^, the reac¬ 
tion with NH 3 is fre(iuently used as a test for copper ions except when 
present in exceedingly small amounts. Nickel ions give a reddish-blue 
solution with NH3, but the color is less intense. In cases where Ni"^"^ may 
also be present, it is preferable to employ the ferrocyanide or iron nail 
test for copper. 

2. Hydrogen Sulphide produces in solutions of cupric ions a 
black precipitate of CuS insoluble in dilute acids and in KOH 
solution containing a small concentration of sulphide ion. It is 
slightly soluble in ammonium sulphide, especially if the latter is 
hot and contains some disulphide, S 2 "". Sodium sulphide free 
from polysulphide does not appreciably dissolve CuS (wen on 
heating. Copper sulphide is insoluble in hot dilute sulphuric 
acid (distinction from Cd). When freshly precipitated, it is easily 
soluble in potassium cyanide. The most appropriate solvent for 
CuS is boiling dilute nitric acid. 

3 CuS + 2 NO 3 - + 8 ?:± 3 Cu++ + 4 H 2 O + 2 NO + 3 S 

When exposed to the air in a moist condition, CuS is easily oxidized 
to CUSO 4 . Hence the precipitate should be washed with water 
containing some H 2 S. 
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3. Alkali Cyanide decolorizes an ammonia solution of copper 
due to the formation of the more stable complex ion, [Cu(CN) 8 ]" 

2 X [Cu(NH 3)4]++ + 3 CN- + 1 e ^ [Cu(CN)3]“" + 4 NH 3 
CN- + 2 NHa + H2O ^ CNO- + 2 NH4+ + 2 e 

2[Cu(NH3)4]++ + 7 CN- + H 2 O ^ 

2[Cu(CN)3]- + CNO- + 6 NH3 + 2 NH4+ 

This is a redox reaction.* The [Cu(CN) 8 ]“ is the least dissociated 
of all the compounds of copper; all insoluble compounds of copper 
may be converted into it and hence are dissolved by KCN. From 
the solution of the complex cyanide, H 2 S does not precipitate the 
sulphide (distinction and method of separation from Cd). 

4. Potassium Ferrocyanide gives a reddish-brown precipitate of 
cupric ferrocyanide. 

2 Cu+^ + [Fe(CN)6]-- ^ Cu2[Fe(CN)6l 

The precipitate is insoluble in dilute acids but soluble in NH 3 with 
the formation of a blue solution. Sodium or potassium hydroxide 
decomposes the precipitate. The reaction with potassium ferro- 
cyanidc is by far the most sensitive of the common tests for copper 
ions; with very dilute solutions, the reagent gives a reddish colora¬ 
tion. In testing for small amounts of copper with this reagent, the 
latter should not be concentrated enough to give a perceptible 
color to the solution. The sensitiveness of this test is 1 part in 
200,000. 

6. Metals above copper in the E. M. F. series reduce cupric ions 
to the metallic state. If an iron nail is immersed in a solution of 
copper ions, it will be coated with a reddish deposit of metallic 
copper. As dilute a solution as 1 part of Cu'^'^ in 120,000 parts 
of solution will give this test. 

6. Flame Test. Copper salts when ignited in the Bunsen flame 
impart to it a green or blue coloration which is intensified if the 
copper solution contains HCl. 

♦Cyanogen, (CN )2 is also formed at the same time due to the oxidation of the 
CN~ by the copper complex. 

2 X rCu(NH3)4]-^ + 3 CN“ [Cu(CN)3]- + 4 NHs 

2CN-?=i (CN)2 4- 2c 

Some (CN)* undergoes hydrolysis with the formation of CNO"* and CN"*. 

(CN)* H- 2 OH- CNO- + CN“ + HaO 
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Reactions of the Cadmium Ion 

1. Ammonia produces white Cd(OH )2 soluble in excess of the 
reagent (distinction from Pb and Bi) with the formation of the 
complex ion [Cd(NH 3 ) 4 ]'^“^. 

Cd(OH )2 + 4 NH 3 [Cd(NH3)4]++ + 2 OH- 
Thc ionization constant for this complex is 1 X 10”’^; i.e., 

Ccd^^ X = 1 X 10-^ 

Ccd(NH3)4^' 

In a molar solution of NH 3 (Cnh, = 1), the ratio of Cccknii,)**^ to 
Ccd^+ is 10^ : 1. 

2. Hydrogen Sulphide produces a yellow precipitate of CdS 
from solutions which are not too strongly acid. The precipitate is 
practically insoluble in cold mineral acids of 0.3 N strengtli as well 
as in ammonium sulphide and alkali hydroxide. It is also insoluble 
in potassium cyanide (distinction from CuS). CdS is easily dis¬ 
solved by concentrated solutions of alkali chloride, bromide and 
iodide, most readily in the last, due to the formation of complex 
ions. It dissolves in hot dilute H 2 SO 4 (distinction from CJuS) and 
is easily soluble in boiling dilute nitric acid with the separation 
of sulphur. 

3 CdS + 2 NO 3 - + 8 ;=± 3 Cd++ + 2 NO + 4 H 2 O + 3 S 

The color, composition, as well as the size, of the precipitated 
particles vary with the conditions of acidity and temperature of the 
solution. In cold alkaline, neutral and slightly acid solutions, 
light yellow CdS is formed. With increasing acidity and tempera¬ 
ture, precipitates form varying in color from orange yellow to red. 
When washed with water, CdS has a tendency to go into the col¬ 
loidal state. Hence the precipitate should b(^ washed with water 
containing an electrolyte such as ammonium nitrate. 

3. Potassium Cyanide gives with solutions of cadmium ions a 
white precipitate of Cd(CN )2 readily soluble in an excess of the 
reagent with the formation of the complex ion [Cd(CN) 4 ]^. 

Cd++ + 2 CN- Cd(CN)2 
Cd(CN)2 + 2 CN- ^ [Cd(CN)4]- 

The ionization constant for [Cd(CN) 4 ]“' is 1.4 X 10“^^, while that for 
[Cu(CN)3]“is0.5 X 10“^^ The former therefore yields a higher concentra- 
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tion of simple cations than does the copper complex. As a consequence, 
when H 2 S is passed into the solution of the cadmium cyanide complex, a 
precipitate of CdS is obtained (distinction and method of separation from 
Ou) in spite of the fact that the solubility product constant for CdS is 
numerically greater than that for CuS or CU 2 S. 

Cd(CN)r -f H 2 S CdS + 2 HCN + 2 CN’ 

In carrying out this separation of Cd from Cu in systematic analysis, 
one occasionally gets a red crystalline precipitate on passing H 2 S into the 
cyanide solution containing no cadmium. This precipitate is hydro- 
rubianic acid, which forms when much copper is present, and a corre¬ 
spondingly large amount of (CN )2 is formed (see footnote, p. 140). 

(CN)2 + 2 H 2 S ?:± (CSNH2)2 

It may be distinguished from CdS by its property of dissolving in hot 
water. 


Reactions of Arsenious Compounds 

When AS 2 O 3 is dissolved in HCl, the solution contains meta 
arsenious acid (HASO 2 )* a very weak monobasic acid; the presence 
of an excess of from the HCl represses its dissociation, so that 
in all ionic equations, it should be represented by HASO 2 . The 
sodium salt, formed by dissolving AS 2 O 3 in NaOH possesses the 
formula NaAs 02 and yields in aqueous solution the ion As 02 ~". 

AS2O3 -f- 2 OH"" 2 As 02~ "h H2O 

1. Hydrogen Sulphide when passed into an acid solution of an 
arsenite yields a yellow precipitate of AS 2 S 3 . 

2 HASO 2 "h 3 H 2 S AS 2 S 3 “b 4 H 2 O 

Arsenious sulphide is insoluble in hot 12 M HCl (distinction 
and method of separation from Sb 2 S 3 and SnS 2 ). A solution of 
ammonia, potassium or sodium hydroxide readily dissolves AS 2 S 8 . 
From the KOH solution, potassium arsenite KASO 2 and potas¬ 
sium thioarsenite KAsS 2 1 be obtained. Hence the KOH 
solution contains the ions As02'' and AsS 2 ~. The equation for 
the reaction is 

2 AS 2 S 3 *4” 4 OH~ ^ As 02~ “f" 3 AsS2“ 4~ 2 H 2 O 

♦The silver salt AgaAsOa is evidently derived from the ortho acid HsAsOs; a 
small quantity of the latter must be in equilibrium with the meta acid HAsO*. 

t A thio or sulpho salt may be regarded as an oxygen salt with some or all of its 
oxygen replaced by sulphur. Thus sodium thiosulphate Na2S208 is sod.'um sulphate, 
NaaS 04 , with one oxygen replaced by sulphur. 
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From this solution, HCl reprecipitates the AsaSa by reversing the 
reaction 


AsOa- + 3 AsSa- + 4 H+ ^ 2 AsaSa + 2 HaO 

Arsenious sulphide is also soluble in concentrated nitric acid. 
For the equation see below. 

The solution of the sulphides of As, Sh and Sn (ic) in KOH solution is of 
great analytical importance, because this fact is utilized in separating these 
metals from all the other members of Group 2 except mercury. When 
AsaSa is dissolved in KOH, we obtain a solution containing an equilibrium 
mixture of AsOa" and AsSa". The equation in skeleton form is therefore 

AsaSa —► AsOa“ + AsSa“ Incomplete 

It is evident that to complete this equation oxygen is necessary. This 
can be supplied by HaO or by OH~. Since the reaction takes place only 
in alkaline medium, it is preferable to use OH”. Hence the equation 
becomes 


AsaSa -f- OH“ —> AsOa" + AsSa" Incomplete 

Since 2 atoms of S appear on the right and 3 on the loft, we shall require 
a total of 6 (the least common multiple of 3 and 2) to make the number the 
same on both sides; i.e., we shall have to take 2 mols of AsaSa and 3 of 
AsSa". The equation now becomes 

2 AsaSa 4- OH" - > AsOa" + 3 AsSa" Incomplete 

The equation is balanced except for the oxygen atoms. To supply 2 oxygen 
atoms on the right, we need 2 OH"; but these would leave 2 H'*’ over, 
which, since the solution is strongly alkaline, would require 2 more OH" 
to form 2 HaO. Hence the final equation becomes 

2 AsaSa -f 4 OH- AsOa- 4- 3 AsSa" 4- 2 HaO 

The equation for the action of NHa solution on AsoSa is identical with that 
given above for KOH, since the active agent is the OH" in both cases. 

NHa 4- HaO + OH" 

The equation for the reprecipitation of AsaSa from the KOH solution is 
easily written. One need not remember the proportions of the equilibrium 
mixture of AsOa” and AsSa". 

AsOa" 4- AsSa" + H+ -> AsaSs Incomplete 

Since 3 S^s appear on the right and 2 on the left, we must take 3 AsSa" 
and 2 AsaS®. The equation therefore becomes 


AsOa 4" 3 AsSa 4” H"^ —► 2 AsaSs 


Incomplete 
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To convert 2 O’s into water we required 4 Hence the complete equa¬ 
tion is 


As() 2 ~ -f 3 AsS 2 - d- 4 H+ 2 AS 2 S 3 + 2 H.O 

Solution of AS 2 S 3 in Cone. HNO 3 . When AS 2 S 3 is treated wdth concen¬ 
trated nitric acid, and the mixture boiled, the precipitate dissolves, with 
the formation of arsenic acid and the separation of sulphur. This is a redox 
reaction and hence should be resolved into 2 partials. In writing this equa¬ 
tion by the ion-electron method, it must be remembered that arsenic acid, 
H 3 ASO 4 , is a strong acid and is largely or wholly dissociated in solution into 
H’’’ and H 2 As 04 ~. Hence the incomplete partial equation is: 

AS 2 S 3 2 H 2 As 04 ~ + 3 S Incomplete 

Since there are 2 arsenic atoms on the left, 2 moles of H 2 As 04 “ will form 
on the riglit. But 2 moles of H 2 As 04 ~ require 8 oxygen atoms. These can 
be supplied by 8 H 2 O; hence we add 8 H 2 O to the left. But 8 H 2 O will 
yield 16 H"*^ and since 4 H^ are used up in the formation of 2 H 2 As 04 ~, we 
should have 12 H^ left. The above partial equation now becomes 

AS 2 S 3 -f 8 H 2 O 2 H 2 ASO 4 - + 3 S 4- 12 H+ + 10 e (1) 

To equalize the electric charges, 10 electrons were added to the right. 

The second partial equation, since it involves the use of concentrated 

HNO 3 , is! 

NO 3 - + 2 H+ + 1 c NO 2 4- H 2 O (2) 

Multiplying equation ( 2 ) by 10 , adding it to ( 1 ) and simplifying, we get 
AS 2 S 3 4- 10 NOa" 4- 8 H+ 2 H 2 ASO 4 - 4 - 3 S 4 - 10 NO 2 4- 2 H 2 O 

2. Silver Nitrate precipitates from neutral solutions of arsenites yellow 
silver arsenite (distinction from arsenates). 

ASO 2 - 4- H 2 O -h 3 Ag+ AgsAsOa 4- 2 H+ 

The precipitate readily dissolves in acids * and in ammonia but does not 
dissolve in sodium (jarboiiate solution. The solution of the precipitate in 
acids (HaO^ ) is due to the fact tliat arsenious acid is a weak acid and in the 
presence of an excess of HsO"^ yields a much lower concentration of AsOa*® 
than does AgsAsOa in its saturated aqueous solution. 

Ag„AsO» ^ 3 Ag+ + AJa; J ^ habO, +' 2 H.O 

The solubility of the precipitate in NHs is due to the formation of the com¬ 
plex ion [Ag(NH 3 ) 2 ]‘'‘ which in the presence of an excess of NHs yields a 

* HCl, HBr and HI react with the precipitate to form the silver halide. 
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lower concentration of Ag ion tlian that given by a saturated aqueous solu¬ 
tion of AggAsOa. 

3. Magnesia Mixture (a solution of MgCb, NH 4 CI and NHg) does not 
precipitate arsenite (distinction from arsenate). 

Reactions of Arsenic Compounds 

1. Hydrogen Sulphide. When H 2 S is passed into a cold moder¬ 
ately acid solution of an arsenate, part of the arsenic is slowly 
precipitated as a mixture of AS 2 S 3 + S. The H 2 S first reacts with 
the H 2 As 04 “ to form thioarsenate ion, H 2 As() 3 S“; the latter in 
the presence of hydrogen ion slowly decomposes, yielding HASO 2 , 
H 2 O and S. The H 2 S then r(w*ts with HASO 2 in the usual fashion, 
yielding AS 2 S 3 . The equations for these reactions are as follows: 

H2ASO4 - + H2S H2ASO3S- + H2O (1) 

HsAsOgS- + H+ — HAs ()2 + H 2 () + s (2) 

2 HASO 2 + 3 H 2 S AS 2 S 3 + 4 B. 2 O (3) 

The combination of equations ( 1 ) and ( 2 ) clearly shows that the 
first action of H 2 S is to reduce the pentavalent arsenic to the 
trivalent form. This reduction proceeds very slowly but may 
be hastened by raising the temperature and oxonium ion con¬ 
centration of the solution. If the concentration of the HCl is 
high, the stream of H 2 S rapid, and the solution cold, all the arsenic 
may be precipitated as As 2 Sb. 

2 H2As04~ + 5 H2S + 2 H+ ^::± AS2S5 + 8 H2O 

When under the same conditions of high acidity, the solution is 
heated and then treated with a rapid stream of H 2 S, a mixture of 
As 2 Sb and AS 2 S 3 is obtained. 

Arsenic pentasulphide is yellow and like the trisulphide is in¬ 
soluble in 12 M HCl but soluble in ammonia, alkali hydroxides, 
alkali sulphides and in ammonium carbonate. 

AS 2 S 6 + 6 OH- AsS 4^ + AsOgS"^ * + 3 H 2 O 

AszSb + 3 COa^ AsS 4^ + AsOaS- + 3 CO 2 

AS 2 S 6 H" 3 S“" 2 AsS4'“ 

* AsOsS® is mono thioarsenate, i.e., it can be regarded as the arsenate complex, 
AsO^®, in which one of the oxygen atoms has been replaced by sulphur. AsSj* is 
therefore tetrathioarsenate. The coordination number of pentavalent arsenic in 
these complexes is 4. 
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From these solutions on acidification, the pentasulphide is pre¬ 
cipitated. 

2 AsS4* + 6 H+ AS2S5 + 3 H2S 
AsS 4 " + + 6 H+ ;=± AS2S6 + 3 HzO 

2. Silver Nitrate added to a strictly neutral solution of an arse¬ 
nate precipitates reddish-brown silver arsenate, Ag3As04. 

H2ASO4- + 2 OH- As 04 ^ + 2 H2O 

ASO4'® + 3 Ag"^ ^ Ag 3 As 04 

The precipitate is easily soluble in acids and in NH3, but practi¬ 
cally insoluble in Na2C03 solution. An acid solution of arsenate 
may also be neutralized by carefully adding Na2C03. 

H2As04“ + CO3- As04"^ + CO2 + H2O 

3. Magnesia Mixtiire yields with neutral or ammoniacal solu¬ 
tions a white crystalline precipitate of NH4MgAs04(H20)6 (dis¬ 
tinction from arsenite). 

As 04 ^ + Mg++ + NH 4 ^ NH 4 MgAs 04 

The precipitate is soluble in acids but insoluble in 2 . 5 % ammonia 
water. If the precipitate be washed with a little water to remove 
the excess of NH3 and then treated with a little AgNOa solution 
to which a few drops of acetic acid have been added, a reddish- 
brown precipitate of Ag3As04 will form. This reaction takes 
place because the solubility product of Ag3As04 is smaller than 
that for ammonium magnesium arsenate. 

4. Ammonium Molybdate, when added in great excess to a hot 
nitric acid solution of an arsenate, yields a yellow precipitate of 
ammonium arsenomolybdate (distinction from arsenious acid). 

H2ASO4- + 3 NH4+ + 12 Mo 04 ^ + 22 

(NH4)3As04(Mo03)i2 + 12 H2O 

The precipitate dissolves readily in an excess of the alkali arsenate 
with the formation of a complex anion; hence^ in making this testy 
it is imperative to add a relatively large quantity of reagent. The 
precipitate, like the corresponding phosphorus compound, is insol¬ 
uble in dilute nitric acid but dissolves Teadily in ammonia and 
in sodium and potassium hydroxides. 
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Reactions of Antimonous Compounds 

1. Water. If to a HCl solution of SbCU containing not too 
much acid, a relatively large quantity of water is added, there 
forms a white precipitate of antimony oxychloride: 

SbCle- + H 2 O ^ SbOCl + 5 Cl- + 2 

Since the hydrolytic action of water increases with the tem¬ 
perature, precipitation may be hastened by heating the solution. 
The precipitate is easily distinguished from the corresponding 
bismuth compound by its solubility in tartaric acid. Strong HCl 
dissolves the precipitate, reversing the above reaction. Hydro¬ 
gen sulphide changes it quantitatively into the corresponding 
sulphide, since the latter is more insoluble than the former. 

2 SbOCl + 3 H 2 S ;=± SbsSa + 2 H 2 O + 2 H+ + 2 Cl- 

2. Hydrogen Sulphide when passed into solutions not too 
strongly acid precipitates orange-red Sb 2 S 3 : 

2 SbCU"^ + 3 H 2 S Sb 2 S 3 + 6 H+ + 12 Cl' 

As indicated in the equation, a high concentration of HsO’^ will 
either prevent the precipitation or render it incomplete. Hydro¬ 
chloric acid (12 M) readily dissolves antimony sulphide (distinction 
and method of separation from AS 2 S 3 and HgS) 

Sb 2 S 3 + 6 H+ + 12 Cl- 2 SbCle- + 3 H 2 S 

Like AS 2 S 3 , antimony sulphide is soluble in KOH solution, yield¬ 
ing an equilibrium mixture of antimonite Sb(OH )4 ' and thioan- 
timonite SbS 2 ~ ions 

2 SbaSg + 4 OH- Sb(OH)4- + 3 SbS 2 * 

For a method of writing this equation see corresponding reaction 
under Tin, p. 150. 

On acidifying the solution, the above reaction is reversed with 
the precipitation of Sb 2 S 3 : 

Sb(OH)4- + 3 SbSa” + 4 H+ 2 Sb 2 S 8 + 4 H 2 O 

When heated in the air in the dry state or in contact with a solution 
of various electrolytes, red antimony trisulphidc changes to the 
black form.* 

♦L. Lehrman, Jour, Phy, Chem,, S6 (1931), 2763. 
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3. Metallic Tin, when added to a solution of antimony in either 
state of oxidation, precipitates metallic antimony in the form of a 
black powder. The action may be accelerated by introducing into 
the solution a piece of platinum foil on which is placed a piece of 
tin forming a Sn-Pt couple. Under these conditions a jet-black 
deposit of metallic antimony rapidly forms on the platinum foil. 

2 X SbCle"^ + 3 e ^ Sb + 6 Cl- 

3 X Sn ^=> Sn++ + 2 c 

2 SbCle^ + 3 Sn ?=> 2 Sb + 3 Sn++ + 12 Cl“ 

4. Iron. If a solution of antimony, acid with HCl, is heated 
with a bright iron nail, all the antimony will be precipitated in the 
form of black flocks (distinction from Sn). If the antimony solu¬ 
tion contains much tin, as SnCh^, the latter will be reduced first 
so that little or no antimony will be precipitated.* 

Reactions of Stannous Compounds 

1. Sodium Hydroxide, Ammonia or Sodium Carbonate gives 
a white precipitate of Sn(OH) 2 . 

Sn++ -h 2 OH- Sn(OH )2 
Sn++ + COr + H 2 O Sn(OH )2 + CO 2 

Stannous hydroxide is an ampholyte since it dissolves in an 
excess of NaOH as well as in HCl. 

Sn(OH )2 + OH- Sn(OH) 3 - 

Sn(OH )2 + 2 H+ Sn++ + 2 H 2 O 

Soluble inorganic hydroxides like NaOH, KOII and Ca(OH )2 may be 
regarded as salts, i.e., electro valent compounds composed of metal cation 
and a hydroxyl anion. The insoluble hydroxides, on the other hand, are in 
all probability molecular compounds made up of coordination complexes 
containing hydroxyl radicals and water molecules. The amphoteric prop¬ 
erty of the hydroxides of Al, Cr, Zn, and divalent Sn can readily be ex¬ 
plained from this point of view, for the complex can function as a “base by 
associating protons with its hydroxyl radicals and as an acid by dissociat¬ 
ing protons from its water molecules.” f 

Since the stannous ion has a maximum coordination number of 4, its 
hydrated ion has probably the formula Sn(H20)4‘^'^. The formation of the 
hydroxide may therefore be represented as follows: 

Sn(H20)4++ + 2 OH- Sn(H20)2(0H)2 + 2 H 2 O 

♦ Unpublished paper by Curtman and Hecht, 1920. 

tE. A. Wildman, Chem, Ed., 12, 11 (1935). 
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Of course it is not definitely known that the precipitated hydroxide con¬ 
tains only 2 molecules of water; the formula is, however, in harmony with 
the coordination number 4 for stannous ion. 

It is a fact that the precipitate, whatever its precise formula may be, 
dissolves in both acids and bases, and in the light of the above explanation, 
the reactions may be represented as follows: 

Sn(0H)2(H20)2 + OH~ Sn(OH)3(H20)- + H 2 O 

hydrated siannite iou 

Sn(0H)2(H20)2 + 2 H+ Sn(H20)4++ 

hydrated 
Btannous ion 

Since the exact degree of hydration of ions is not known, it is customary 
to employ only the unhydrated forms, except in cases where some si>ecial 
theoretical relationship can be stressed. 

2. Hydrogen Sulphide. From solutions which are only moder¬ 
ately acid (0.3 M HCl), H 2 S yields a brown prerdpitate of SnS: 

Sn+^ + H 2 S SnS + 2 H+ 

Stannous sulphide is soluble in strong HCl (distinction from AS 2 S.'? 
and HgS) but practically insoluble in KOH, For this rc^ason, if 
KOH is to be used for separating the divisions of Group 2 , the 
tin must be oxidized to the stannic state before it is precii)itated 
with H 2 S. SnS is, however, soluble in ammonium polysulphide 
(NH 4 ) 2 S 2 . It is insoluble in NH 3 as well as in (NH 4 ) 2 C 03 (dis¬ 
tinction from As 2 S;{). 

3. Mercuric Chloride. See reaction 2 under Mercury, p. 137. 

4. Metallic Zinc reduces stannous and chlorostannatc ions to the 
metallic state. The latter precipitates on the zinc in the form of a spongy 
mass. 

Zn 4- Sn++ ;::± Zn++ -h Sn 
2 Zn -f SnCle” 2 Zn+-^ + Sn + G CF 

The solution should not contain too high a concentration of IIsO^ because 
tlie latter readily dissolves metallic tin. 

Sn + 2 H+ ^ Sn++ + 112 

Reactions of Stannic Compounds 

The so-called stannic ion, Sn'^'^"’^, is purely hypothetical. Its 
existence in minute amounts has been assumed because certam 
stannic compounds in acid solution yield SnS 2 when treated with 
H 2 S. The same may be said of the following ions: Asr* 
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gb+-f+ and for the existence of which there is no direct 

experimental evidence.* 

1. Caustic Alkalies, Ammonia and Sodium Carbonate each yields 
a gelatinous white precipitate of stannic hydroxide, Sn(OH)4, 
which, on drying over concentrated H2SO4, becomes H2Sn08 
(a stannic acid). The precipitate dissolves in excess alkali hy¬ 
droxides as well as in Na2C03 solutions. It is also soluble in acids, 
provided the latter contain an anion capable of forming a com¬ 
plex ion with the Sn, e.g., Cl~. 

SnCle- + 4 OH- ?=± Sn(OH)4 + 6 Cl" 

Sn(OH)4 + 2 OH- Sn(OH) 6 “ (stannate ion)t 
Sn(OH )4 + 6C1- + 4 H+^::±SnCl 6 ^ + 4H2O 

Chlorostannate ion 

2. Hydrogen Sulphide. From acid solutions (not exceeding 
0.3 M HCl), H2S yields a light yellow precipitate of stannic sul¬ 
phide SnS2 containing some Sn(OH)4. From dilute solutions, pre¬ 
cipitation takes place slowly, because of the tendency of the 81182 
to form a sol. Heating or adding a salt to the solution hastens 
precipitation. 

SnCle- + 2 H28 ^ 8n82 + 4 H+ + 6 Cl' 

Stannic sulphide readily dissolves in 6 M HCl (distinction and 
method of separation from AS283 and Hg8) 

Sn82 + 4 H+ + 6 Cl- SnCle^ + 2 H28 

It also dissolves in KOH solution, forming an equilibrium mixture 
of stannate 8n(OH)6“ and thiostannate 8n83'” ions. 

The equation is similar to that for the solution of AS2S3 in KOH 

SnS2 Sn(OH)6*” -}- SiiSa” Incomplete 

We have 3 S on the right and 2 on the left; hence we require 3 moles of 
8082 yielding 2 moles of 81183“ on the right. The equation is therefore 

3 81182 —» 8n(OH)8“ + 2 8nS3"' Incomplete 

* Hammett, Solutions of Electrolytes, p. 111. 

t Stannates are isomorphous with platinates and form mixed crystals with them. 
It seems reasonable therefore that they should have similar formulas. In sodium 
chloropiatinat/e, NajPtCle, each chlorine ion may be successively replaced by OH“, 
giving as the final compound Na 2 Pt(OH) 6 . Hence.the stannate ion has been for¬ 
mulated as Sn(OH)6“ instead of SnO»“. See Hammett, Solutions of Electrolytes, 
p. 110: also L. Pauling, /. A. C. S., 65, 1896 (1933). 
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To form Sn(OH) 6 “ we evidently need 6 OH~. The complete equation is 
therefore 

3 BnS. + 6 OH- Sn(OH)r + 2 SnSs” 

On acidifying this solution, the above reaction is reversed and SnS 2 is 
reprecipitated 

811(011)6““ + 2 SnS3“ -f 6 3 81182 + 6 H 2 O 

Stannic sulphide is not precipitated by H 2 S in the presence of 
much oxalate ion, owing to the formation of a stable complex tin 
oxalate ion (distinction and method of separation from antimony). 
When heated strongly in the air, 81182 is quantitatively converted 
to Sn 02 . 

3. Metallic Iron added to a HCl solution of SnCU" reduces the 
latter to the stannous state. 

SnClfi- -h 2 6 ^ 811 ^+ + 6C1“ 

Fe Fe++ + 2e 

SriClfi- + Fe Sn++ + Fe+-^ +~6 CF 

A similar reduction takes place when (hi or 8b is added to the 
hot solution. The solution after reduction may be tested for 
Sn^"^ by centrifuging and adding some HgCb to the solution, 
since Fe"'""^ does not reduce HgCl 2 .* 

4. Flame Coloration. If the lower part of a 4 ml. test-tube, preferably 
containing 2 ml. of water, is dipped into a solution of stannic cliloride 
containing an excess of HCl, and the lower end heated in the non-luminous 
flame of a micro burner, a mantle of blue flame will form on the sides or 
bottom of the test-tube. The mantle may appear for only a short time. 
If no color is obtained during the first trial, the tube should be dipped into 
cone. HCl and reheated. Exjieriment showed that a solution (containing 
0.1 mg. of Sn as SnC^e” per ml. gives the test but large quantities of arsenic 
and antimony interfere. Like all flame reactions, this test does not afford 
quantitative indications. Only when the test is positive is it significant. 

* For the results of a comparative study of the sensitiveness of this and other 
confirmatory tests for tin see Curtman and Mosher, J. A. C. S., S 5 , 357 (1913). 
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THE METALS OF GROUP 3 

ALUMINUM, CHROMIUM, IRON, NICKEL, COBALT, 
MANGANESE AND ZINC 

Reactions of the Aluminum Ion 

1. Ammonia yields a white gelatinous i)recipitate of Al(OH) 3 . 

AU++ + 3 NHa + 3 H2O ?=± A 1 ( 0 H )3 + 3 NH4+ 
or A1(H20)6+++ + 3 NH3 A1(0H)3 +* 3 NH4+ + 3 H2O 

A small portion of the precipitate goes into solution in the form of 
colloidal aluminum hydroxide. In this form it is called aluminum 
hydroxide sol. On boiling this solution or upon the addition of a 
soluble salt such as NH4CI, the sol is coagulated, yielding a precipi¬ 
tate of A1(0H)3 known as aluminum hydroxide gel^ Aluminum 
hydroxide is slightly soluble in an excess of NH3, the solvent 
effect of the latter being diminished by the presence of an ammo¬ 
nium salt (common ion effect). Hence to precipitate Al(OH )3 
completely with ammonia, the aluminum solution should contain 
some ammonium salt, the NH3 should be added in slight excess and 
the mixture boiled until the liquid has but a faint odor of the re¬ 
agent. A1(0H)3 is an ampholyte. When freshly precipitated it 
dissoh es readily in strong acids and bases. The solubility of 
A 1 ( 0 H )3 (this is true for many other precipitated amphoteric 
hydroxides) in acids is markedly influenced by the treatment to 
which it has been subjected after precipitation. Thus long con¬ 
tact of the precipitate with the air, water, or a salt solution will 
render it difficult to dissolve in acids. To get it into solution, long 
treatment with hot concentrated acid is necessary. A1(()H)3, 
unlike the hydroxides of Ni, Co and Zn, does not form complex 
cations with NHs; this difference is often utilized for purposes of 
separation, 

2. Sodium or Potassium Hydroxide precipitates A1(0H)3, solu¬ 
ble in excess of the reagent with formation of aluminate ion. 

Al(OH)3 + OH”;e=i[Al(OH)4]-' ' (1) 

A1(0H)3 can be regarded as a molecular complex, A1(0H)3(H20)3 
containing hydroxyl and water groups. ^ The former by their 

* For the Sensitiveness of the Hydroxide Reactions for the Common Metals, see 
Curtman and St. John, J. A. C. S., 1680 (1912), 
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ability to associate protons confer basic properties, the latter by 
their capacity to dissociate protons impart acid properties to 
A1(0H)3(H20)3. The equations showing these changes can be 
easily written since they are similar to those given on p. 149 . 

Reaction (1) is reversible. Any reagent which will rediicf* the 
Con- of the solution sufficiently should theoretically reverse it., 
with the consequent precipitation of A1(0H)3. In harmony with 
this prediction, we find that on adding appropriate quantities of 
acid, such as HCl or H2S, or an ammonium salt such as NH4CI, 
aluminum hydroxide is precipitated. On carefully adding HCl to 
the aluminatc solution, Al(OH)3 is reprecipitated. 

[A1(0H)4]- + H+ ^ A1(()H)3 + H2O (a) 

If an excess of acid is added, 
the precipitate dissolves. 

A 1 ( 0 H )3 + 3 H^ ;z±Al++-^ 

+ 3 H2O (b) 

It is evident that if the 
original aluminatc solution 
is at once acidified with 
HCl, we shall get the net 
result of (a) and (b). Adding 
(a) and (6) and eliminating 
A1(0H)3 which appears on 
opposite sides, we get 

[A1(0H)4]- + 4H+^A1+++ 

+ 4H2O (c) 

If now we heat this solu¬ 
tion to boiling and add NH3 
in slight excess, all the alu¬ 
minum will be precipitated 
as the hydroxide. 

The direct addition of NH3 to an aluminatc solution does not 
yield a precipitate of Al(OH)3 because the aluminatc ion yields 
too low a concentration of A 1 ion. It is necessary to increase the 
concentration of the and this is accomplished by decompos¬ 

ing the aluminatc? ion by the addition of acid as indicated in (c). 
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From the solubility product principle it follows that in order to precipi¬ 
tate A 1 ( 0 H) 3 , its solubility product must be exceeded. Conversely the 
precipitate must dissolve, when the concentration of or OH“ is low¬ 
ered so that X CoH- falls below J^akoh),. Experiment shows that 
incipient precipitation of Al(OH )3 takes place when the solution has a 
Chso^ = 10"^' and that precipitation is complete when = 10“®. On 
the other hand, when CH 30 + = 10"^® it dissolves. These relations are 
clearly shown in Fig. 11 . 

The precipitation of Al(OH)3 by NH4CI from a solution of sodium 
aluminate is shown in the following equations: 

A1(0H)3 + OH- [AKOIDd" (1) 

+ 

NH4+ 

u 

NH3 -f II 20 

To dissoK e Al(01I)3 a much larger quantity of OPI” is required than that 
calculated from the above c(iuati()n, in order to prevent the reaction from 
reversing. The consequence is, that a solution of sodium aluminate is 
strongly alkaline. Ammonia solution is a weak base because it yields a rela¬ 
tively small concentration of OH". The reaction , 

NH 3 + H 2 O ^ NII 4 + -f OH- 

proceeds only to a very small extent to the right. This also means that 
NH 4 ^ and OH” cannot coexist in solution in high concentrations. When 
an ammonium salt is added to the aluminate solution containing, as pointed 
out above, a Idgh concentration of OH", some of the latter reacts with the 
NPL'*' to yield NH 3 and H 2 O. This causes such a lowering of the Con that 
reaction (1) is reversed A^ith the precipitation of Al(OH) 3 . 

In a suspension of AI(011)3 in water, the following ions are present: 

OH“, A1(0H)4“ and HsO^. The equilibrium relationships among 
these ions are given by the following equations: 


Ca 1+++ X Con- 
Cai+^^ X C^{)n“ 

— iVAl(OH)5 

== Ka1((>H)4 

( 1 ) 

( 2 ) 

Cauoh)4“ 


ChjO^ X CoH- 

= KuiO 

( 3 ) 


The of the solution must satisfy all of the above equations. If now 
we add acid to this solution we shall increase ( 01 , 0 ' and this must reduce 
the Cob . As a consequence some OH~ derived from the Al(OH )3 and 
Al( 011 ) 4 " will unite ’with IlsO'*^ to form water. Since the acid added is 
usually a strong one yielding a high concentration of HsO^ , and since the 
latter is present in excess, it must be clear that the above changes will con¬ 
tinue until all the Al(OH )3 is dissolved. 

The addition of a strong base like NaOH to a suspension of Al(OH)8 
would increase the Coh - of the solution to such an extent that some 
A1(0H)4~ would form. As a consequence the of the solution would 
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be reduced in accordance with equation (2). This would cause Al(OH )3 to 
dissolve to replace the Al'^'^ removed. In the presence of a sufficient excess 
of strong NaOH, these reactions will continue until all the Al(OH )3 is con¬ 
verted to A1(0H)4~. 

Ammonia, on the other hand, dissolves Al(OH )3 only to a slight extent 
because it yields at the outset a comparatively low Con- which is further 
reduced (common ion effect) by the accumulation of in the solution. 

Another and older explanation of the amphoteric behavior of Al(OH)i. 
is based on the assumption that it dissociates as follows: 

+ A102“ -h H 2 O A1(0H)3 Al+^^ + 3 OH~ 

Acid dissociation Basic dissociation 

The addition of an acid continuously removes the OH~ resulting from the 
basic dissociation of A1(0H)3. As a consequence, Al(OH )3 dissolves, yield¬ 
ing a solution containing all the aluminum as Al+^^. The addition of a 
base like NaOH continuously removes the resulting from the acid 
dissociation of Al(OH)8. The latter therefore dissolves yielding a solution 
containing all the aluminum as Al() 2 ~. The difference between A102~ and 
A1(0H)4“ is 2 H 2 O. In other words, Al(OH) 4 " is the hydrated form of 
A102“. The formulation of aluminatc as a hydroxyl complex is more in 
harmony with the structure of similar ions formed in alkaline solution. 

3. Ammonium Sulphide precipitates Al(OH )3 and 7iot the 
sulphide. The explanation for this result is quite simple. Ammo¬ 
nium sulphide is extensively hydrolyzed in aqueous solution, yield¬ 
ing the anions S“, HS“ and OH~. The solution supplies a suffi¬ 
ciently high concentration of OH~ to exceed the solubility product 
constant of Al(OH) 3 ; hence the latter precipitates. The hydrolysis 
of the sulphide ion yielding OH ion and the conseciuent precipita¬ 
tion of A1(0H)3 may be represented by the following equations: 

S“ + H20?=±HS~ + 0H- 
HS- + H 2 O H 2 S + OH- 

3 X S- + 2 H 2 O ^ H 2 S + 2 OH- (1) 

2 X AH++ + 3 OH- ^ Al(OH)., (2) 

2 Al+^-^“ + 3 S- + 6 H 2 O 2 Al(OH)3 + 3 H 2 S 

AI 2 S 3 may be prepared in the dry way, but on bringing it in contact 
with water it is completely hydrolyzed with the formation of Al(OH)8 
and the evolution of H 2 S. 

AI 2 S 3 -f 6 H 2 O ^ 2 A1(0H)3 + 3 H 2 S 

Sodium carbonate and sodium cyanide also precipitate AI(OH )3 because 
each of these salts in aqueous solution, as a result of hydrolysis, furnishes 
OH ions. Thus with NaCN the reaction is 
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3 X CN- + H2O ^ HCN + OH- 

4 - 3 OH- AI(QH )3 _ 

+ 3 CN- + 3 H2O ♦dt A 1 ( 0 H )3 -f 3 HCN 

The precipitation of Al(OH)3 by salts of weak acids, such as Na2C03, 
NaCN and Na2S203, may be considered as the result of* an acid-base 
equihbriuin. For the hydrated aluminum ion, Al(fl20)6'*'^'*", is an acid and 
the anions of the salts of weak acids are drmig bases. The reactions may be 
formulated as follows: 

2 A1(H20 )o++-" + 3 C03“ ^ 2 A1(0H)3(H20)3 4 - 3 CO2 + 3 H2O 

Reactions of the Chromic Ion 

1. Ammonia yields a gelatinous precipitate of Cr(OH)3 which 
is grayish-green from green solutions of chromic salts, and bluish- 
violet when precipitated from violet solutions.* The precipitate 
is soluble to some extent in an excess of the reagent with the for¬ 
mation of a violet or pink solution. On boiling the latter, Cr(OH)3 
is reprecipitated. When freshly precipitated, it is easily soluble in 
:icid^ and in sodium hydroxide (see 2 ). 

2 . Sodium or Potassium Hydroxide precipitates Cr(OH)3 solu¬ 
ble^ in excess in the cold with the formation of a green solution 
containing chromite, Cr(OH)4~; on boiling this solution, Cr(OH)3 
is reprecii)itated (distinction from Al). The precipitate is ampho- 
ti‘ric and is easily soluble in acids. 


Cr+-» + + 3 OH- Cr(OH).3 

Cr(OH)3 + OH- Cr(OH)4- 

Cr(0H)3 + 3 H+ ^ Cr+++ + 3 H2O 

3. Ammonium Sulphide, Alkali Carbonate and Alkali Thio¬ 
sulphate j)recipitate Cr(OH)3 for reasons similar to those given 
under aluminum (see reaction 3 ). 01*283 is completely hydrolyzed 
in aqueous solution. The presence of involatile organic compounds 
containing OH groups, such as tartaric acid, sugar and starch, inter¬ 
fere with the precipitation of the hydroxide in reactions 1 , 2 and 3 . 

4. Potassium Chlorate oxidizes chromic ion .to Cr207"" when 
added to a concentrated nitric acid solution of chromic ion and 
th(* resulting mixture heated. 

* In the presence of acetate ion and the absence of other trivalent metals, chro¬ 
mium is not precipitated by ammonia. DeWitt and Baldwin, J. Chem. Ed., 14 , 
Ml (1937). 
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2 Cr+++ + 7 H2O CrsO;- + 14 H+ + 6 e 

6 X ClOg- + 2 H-^ + 1 e CIO2 + H2Q _ 

2 Cr+++ + 6 CIO3- + H2O 4=^ Cr207““ + 6 CIO2 + 2 

5w Sodium Peroxide. When a chromic salt is treated with an 
excess of NaOH and sodium peroxide and the resulting mixture 
boiledj a yellow solution is formed due to the oxidation of the 
chromit(^ ion to a chromate. The action of an excess of NaOH 
on Cr“'‘++ yielding Cr(OH)4~ has been considered in reaction 2. 
To write the equation for the oxidation of Cr02“ by Na202, we 
need only write the two partials involved, one showing the oxida¬ 
tion of Cr(OH)4~ to Cr04“' and the other the reduction of Na202 
(see p. 217). 

6 . Oxidation of Chromium Salts. The oxidation is generally carried 
out in an alkaline medium. In the dry way the oxidation may be accom¬ 
plished by fusing the chromium compound with a mixture of Na2C03 and 
an oxidant such as Na202, KCTOa or KNO3. 


Cr 203 + 2 Na 2 C 03 + KCIO 3 - 2 Na 2 Cr 04 + 2 CCh + KCl 
Cr+3 Cr"*"®, loss 3 e; » Cl" S gain 0 e. Hence 2 C'r ^ 1 Cl 

In alkaline solution, the oxidation may be effected by the use of any one 
of the many oxidants such, for instance, as Br2 (or any halogen), KMn04, 
H2O2, or Na202. When an excess of NaOH is added to Cr ions, the pre¬ 
cipitate of Cr(OH)3 which first forms dissolves in excess of the reagent with 
the formation of the complex ion Cr(OH)4“ as shown in reaction 2 above. 
The oxidant, e.g., Na202, oxidizes the Cr(OH)4” to CrOi^' as shown in the 
following e(iuations: 

2 X Cr(OH)4- + 4 OH- Cr04” + 4 H2O + 3 c 

3 X 02^ 4- 2 H2O -b 2 c ^ 4 OH- __ 

2 Cr(0H)4- + 3 02“ 2 Cr04“ + 4 OH* + 2 H2O 

Chromium may also be oxidized to Cr 207 °" in concentrated nitric acid solu¬ 
tion by means of KCIO 3 (see reaction 4, above). 

7. Reduction of Chromates to Chromic Compoimds is effected in acid 
sr)lution by any one of the many reductants, e.g., H2S, HI, SO2, concen¬ 
trated HCl, and various organic substances such as alcohol and oxalic acid. 
With concentrated HCl the reaction is: 

Cr207“ + 14 + 6 c 4=^ 2 Cr-^ + 7 H 2 O 

3 X 2 Cl- ^ CI 2 + 2 c 

Cr 207 “ + 6 Cl- + 14 H+ ^ 2 Cr+++ + 7 H 2 O -f 3 CI 2 

With H2S the reduction takes place in accordance with the equation: 
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CrzOr- + 14 -f 6 e ^ 2 Cr+++ -f 7 H2O 

3 X_ H2S ^ S -f 2 H-^ -f 2 6 

CraOr- + 8 4- 3 H 2 S 2 Cr+++ + 3 S + 7 H 2 O 

In this case the green solution appears turbid, due to the separation of 
the sulphur. With sulphurous acid the equation is 

Cr207- -f 14 + 6 e 2 Cr+++ 4 - 7 H >0 

3 X H2SO3 4 H2O ^ HSO4-- 4 3 H+ 4 2 e 

Cr 207 - 4 5 H+ 4 3 H 2 SO 3 2 Cr-^++ 4 3 HSOr 4 4 H 2 O 

In all of the above cases the reduction is evidenced by a change in color 
from orange-red to green. Other reactions of the chromate ion are given 
on p. 194 . 


Reactions of the Ferrous Ion 

1. Ammooia, Sodium or Potassium Hydroxide, added to a 
neutral solution, yields a white gelatinous precipitate of Fe( 0 H )2 
which, on exposure to the air, is rapidly oxidized, becoming first 
dirty-green, then black and finally reddish-brown. 

Fe++ 4 2 OH- ^ Fe( 0 H )2 
4 Fe( 0 H )2 4 O2 4 2 H2O 4 Fe( 0 H )3 

In common with other divalent metals (Mn, Zn, Ni, Co and Mg) ferrous 
iron is not precipitated by NH3, if sufficient NH4CI is present, because the 
latter, by its common ion effect, lowers the concentration of the 0 H“ to 
such an extent that the solubility product constant for F’e(0H)2 is not 
reached (distinction from ferric ion). The above statement is true, so long 
as the iron is kept in the ferrous state. When, however, the ammoniacal 
solution is exposed to the air, a precipitate of black ferrous-ferric hydroxide 
[Fe(0H)2 • Fe(0H)3] first forms, and eventually reddish-brown ferric 
hydroxide. 

2. Hydrogen Sulphide does not yield a precipitate in acid solu¬ 
tions of ferrous salts. From neutral solutions, a slight precipitate 
of FeS results; if, however, considerable sodium acetate is present, 
a greater though still incomplete precipitation is obtained. From 
alkaline solutions, H2S completely precipitates the iron as black 
ferrous sulphide, FeS. 

Fc++ 4 2 H2O ^ Fe(0H)2 4 2 H'^ 
Fe-^+4H2S<::±FeS4 2H+ 

Fe++ + FeS 

The ion derived from the hydrolysis of the Fe"^ and from the re¬ 
action with H2S reduces the Cs- to such an extent that only a small 
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quantity of FeS can precipitate. The addition of NaC 2 H 802 lowers the 
C'hso+ and hence increases the Cs- to a value which permits a greater 
though still incomplete precipitation of FeS to take place. However, when 
the solution is made alkaline, the HsO"*" concentration is reduced to an 
exceedingly small value and as a consequence the S“ becomes sufficiently 
great to precipitate the FeS completely. 

From the following equation showing the ionization of H2S, 

H 2 S -f* HoO ^ HS- + H 2 O S” 

+ + 

it is clear that as the is reduced, the ionization of the H2S is pro¬ 

moted with a consequent increase in 

3. Ammonium Sulphide precipitates black FeS, easily soluble 
ill acids with the evolution of H2S. 

Fe++ + S- FeS 

FeS + 2 Fe++ + H2S 

The moist precipitate, on exposure) to the air, becomes reddish- 
brown, due to its oxidation to basic fe^rric sulphate, hlxtrernely 
dilute ferrous solutions take on a green color when treated with 
(NH4)2S, due to the formation of colloidal FeS. The coagulation 
of the latter may be effected by the addition of NH4CI, heating 
the mixture to boiling and then allowing the solution to stand for 
some time. 

4. Potassium Ferrocyanide yields, in the complete absence of 
air, a white precipitate of potassium ferrous ferrocyanide or ferrous 
ferrocyanide, depending upon the relative amounts of ferrous salt 
and reagent. 

Fe++ + 2 K-*- + [Fe(CN)6]"=- K2Fe[Fe(CN)6] 

2 Fe++ + [Fc(CN) 6 ]““ Fe2[Fe(CN)6] 

Under ordinary atmospheric conditions, however, a light blue 
precipitate is obtained due to partial oxidation. On prolonged 
exposure, it is completely converted into a dark blue precipitate 
of Prussian blue, 

6. Potassium Fenicyanide yields a dark blue precipitate of 
TurnbulPs blue when added even to a very dilute solution of 
ferrous salt. 


3 Fe++ + 2 [Fe(CN) 6 ]-- Fea[Fe(CN)e]2 
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Turnbuirs blue is insoluble in HCl but is decomposed by caustic 
alkalies with the formation of ferrous hydroxide and ferricyanide 
ion. 


Fc 3 [Fe(CN) 6]2 + 6 OH" 3 Fe(OH)2 + 2 [Fe(CN) 6 ]- 

The ferrous hydroxide is rapidly oxidized to Fe(OH)3 so that the 
final products are Fe(OH)3 and [Fe(CN) 6 ]^. 

6. Potassium Thiocyanate does not react with ferrous ion (distinc¬ 
tion from ferric ion). 

7. Oxidation of Ferrous to Ferric Ion. Ferrous ion is readily 
oxidized to Fe+++ in acid solution by hydrogen peroxide, potas¬ 
sium permanganate and potassium dichromate. Strong nitric 
acid can also be used for this purpose. 

To write the equation for these reactions we need only (;ouple 
the appropriate partial equations (see p. 217 ). Thus for the oxi¬ 
dation by means of H2O2 we have 

2 X Fe++ ^ Fe'^+-^' + 1 e 

H2O2 + 21 V + 2 e :^2 H2O 
2 Fc++ + H2O2 + 2 2 Fe++^ + 2 H2O 

Reactions of the Ferric Ion 

1. Ammonia precipitates a reddish-brown gelatinous precipitate 
of Fe(OH) 3 .* 

F( 5 +++ + 3 NHa + 3 H2O ^ Fe(()H )3 + 3 NH4+ 
or Fe(H2())6+^+ + 3 NH3 Fe(OH )3 + 3 NH4+ + 3 H2O 

Precipitation takes place even in the presence of ammonium salts 
(distinction from Fe(ous), Ni, Co, Mn, Zn and Mg) because of the 
small solubility product constant of Fe(()H)3. An excess of NH3 
does not dissolve ferric hydroxide for two reasons; first, because 
it is not amphoteric in the sense in w^hich this term is generally 
used t (distinction from A 1 and Cr), and second, because it does 

* When formed in the cold, Fe(OH)a often appears in the colloidal state. It is 
readily coagulated either by boiling the solution or by the addition of salts. The 
latter are most effective when they contain di- and trivalent anions, since Fe(OH)s 
sol is positively charged. 

t When a suspension of Fe(OH)» in strong KOH solution is treated with chlorine 
a black powder of potassium ferrate K2Fe04 separates. The latter dissolves in 
water, yielding a red solution due probably to the-presence of the anion Fe04“'. 
The salt and the solution are both unstable. The barium salt BaFe04 is practically 
insoluble in water and is the most stable of the ferrates. 
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not form a complex cation with NHs (distinction from Ni, Co 
and Zn). Ferric hydroxide dissolves readily in acids. 

Fe(OH)3 + 3 ^ Fe+++ + 3 H2O 

When strongly heated, the hydroxide loses water and is converted 
into the oxide. Ignited Fe203 is difficultly soluble in dilute acids, 
but dissolves on })rolonged treatment with concentrated HCl. 

2. Sodium or Potassium Hydroxide also precipitates ferric 
hydroxide, insoluble in an excess of the reagent. 

3. Hydrogen Sulphide when ))assed into a solution of a ferric 
salt reduces the latter to the ferrous state with the separation of 
sulphur. 

2 X Fe+++ + 1 e Fe++ 

H2S ^ S + 2 H+ + 2 c 

2 Fe+^^ + H 2 S 2 Fe++ + S + 2 

4. Ammonium Sulphide gives with acid solutions a })recipitate 
consisting of FeS and S. From alkaline solutions, black ft'rric 
sulphide, Fe2S3, is precipitated: 

2 Fe^-^-+ + 3 S“ FegS;, 

The precipitate dissolves readily in HCl with the separation of S 
and the formation of Fe++. 

2 X Fe2S3 4- 0 + 2 e ^ 2 Fe++ + 3 H.S 

Fe2S3 2 Fe++ + 3 S + 4 e 

3 Fe 2 S 7 + 12H+ 6Fe++ + 6H2S + 3 S 

This equation can be simplified by dividing through by 3 . It is 
an internal redox reaction. 

5. Potassium Ferrocyanide yields with ferric ion a blue precipi¬ 
tate of ferric ferrocyanide known as Prussian blue: 

4 Fe++'^ + 3[Fe(CN)6]-== ^ Fe4[Fe(CN)6]3 

The precipitate is insoluble in dilute HCl but dissolves in oxalic 
acid as well as in a great excess of the precipitant, with the forma¬ 
tion of a blue solution. Prussian blue is decomposed by caustic 
alkalies, the products being Fe(OH)8 and ferrocyanide ion. 

Fe4[Fe(CN)6]3 + 12 OH“ 4 Fe(OH)3 + 3 [Fe(CN) 6 ]’- 

Potassium ferrocyanide is commonly used as a reagent for the detection 
of ferric ion because the precipitate formed has a strikingly blue color and 
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is insoluble in water and in dilute acids. Neutral solutions containing 1 
part of iron in 500,000 parts of water will give this test. When only small 
amounts of iron are present, a blue or green color instead of a precipitate is 
obtained. The test with K 4 Fe(CN )6 possesses the disadvantage that nearly 
all the metals with the exception of the alkalies, NH 4 , Sr and Mg yield a 
precipitate with the reagent, thus obscuring the results of the test. In 
making this test it is important that the solution contain only a small con¬ 
centration of the strong acid, as the latter would promote the dissociation 
of [Fe(CN)6]”* with the formation of sufficient ferrous ion to give a pre¬ 
cipitate or coloration with the unchanged reagent. In testing for minute 
amounts of iron, an excess of the reagent must be avoided because of it? 
yellow color; the latter would tend to confuse the test. 

6. Potassium Ferricyanide does not give a precipitate with ferric 
ion (distinction from ferrous ion) but produces a dark brown 
coloration due to non-ionized ferric ferricyanide which forms. 

Fe+++ + [Fe(CN)fi]- Fe[Fe(CN) 6 ] 

7. Potassium Thiocyanate gives with ferric ion a deep red solu¬ 
tion due to the formation of the complex ion Fe(CNS)“^‘^.* 

Fe+++ + cm- ^ Fe(CNS)++ 

The reaction is reversible, hence the addition of an excess of the 
reagent increases th(^ sensitiveness of the test. As little as 1 part 
of iron in 1,600,000 parts of water can be detected by this reagent. 

Any substance which reduces the concentratien of either the Fe*^ 
or CNS“ or promotes tiie dissociation of the Fe(CNS)"^'^, since both 
and CNS~ are colorless, will weaken the test. A moderate concen¬ 
tration of HaO'^ is advantageous in preventing the hydrolysis of the Fe"*" 
and thus indirectly increasing the ferric ion concentration. The presence 
of large amounts of salts (salt effect) reduces the sensitiveness of the test by 
increasing the dissociation of the Fe(CNS)'^+. Ammonia and alkalies as 
well as salts of organic acids containing Oil groups reduce the effective 
Fe+++ ion concentration and hence inhibit the test. Salts of weak acids 
such as acetic;, oxalic, phosphoric, arsenic and boric acids interfere with the 
reaction in neutral, though not in moderately acid, solutions. Hence it is 
advisable to add some HCl before making the test. Fluorides interfere by 
forming the complex ion, [FeFd^. Nitric and chloric acids also give with 
the reagent a red coloration, but the latter, when due to these substances, 
is destroyed by adding alcohol and heating. Mercuric chloride bleaches 
the coloration in consequence of the formation of mercuric thiocyanate, 
which dissociates to a smaller extent than does Fe(CNS)+^. 

2 Fe(CNS)+^ -f- HgCl, 2 Fe-^++ -f Hg(CNS )2 + 2 CL 

* Bent and French, J. A. C. S., OS (1941), 568. Edmonds and Birnbaum, ibid., 63 
(1941), 1471. 
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8. Reduction of Ferric Salts may be effected in acid solution 
by a number of reductants, such as H 2 S, SnCb, H 2 SO 8 and HI. 

Reactions of the Nickel Ion 

1. Potassium or Sodium Hydroxide gives a light green gelati¬ 
nous precipitate of nickelous hydroxide, insoluble in an excess of 
the reagent. 

Ni++ + 2 OH- Ni(OH)2 

The precipitate is readily soluble in acids; also in ammonia and 
ainonium salts (see reaction 2). 

2. Ammonia, when considerably diluted and added in small 
quantity to a neutral solution containing no ammonium salts, 
causes a green turbidity due to the formation of a basic salt. 

Ni++ + Cl- + NHa + H 2 O ^ Ni(OH)Cl + NH 4 + 

The precipitate is soluble in excess of the reagent with the forma¬ 
tion of a reddish-blue solution containing a complex cation. 

Ni(OH)Cl + 6 NH 3 ^ Ni(NH 3 ) 6 +-^ + OH" + Ch 

Ammonia does not give a precipitate with nickel solutions con¬ 
taining NH 4 salts because the common ion effect of the latter 
reduces the OH- concentration to such an extent that the S. P. 
constant for Ni(OH)Cl or Ni(OH )2 is not reached. If this ex¬ 
planation is correct, we should expect that any other metallic 
hydroxide the S. P. constant of which is greater than or slightly 
less than that of Ni(OH )2 would fail to precipitate in the presence 
of sufficient NH 4 salts. Experiment shows that Fe'^+, 

Mn"^, Zn'^+ and Mg++ of the common divalent metals belong to 
this class. On the other hand, the hydroxides of the trivalent ions 
A1+++, Fe++^", Cr+'^+ and Mn+++ are precipitated by ammonia 
in the presence of NH4 salts because their S. P. constants are 
considerably smaller than those of the former class. Advantage 
is taken of this difference of behavior to separate Al, Cr and Fe 
(ic) from the other metals of this group. 

Ni"^"^, 00"^*+ and form with NH3 stable complex cations containing 
4 or 6 molecules of NHa, e.g., [Ni(NH3)4]++ and [NiCNHa)^^'". The solution 
of Ni(0H)2 in NHs may be represented by the following equilibrium equa¬ 
tions; 
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Ni( 0 H) 2 ?=iNi++ + 2 0 H- 

+ 

6NH3 

Ti 

[Ni(NH3)6]++ 

Both NH3 and OH“ compete for the Np-^. But since it requires a smaller 
concentration of NP+ to remain in equilibrium with NH3 than with OH~, 
Ni(OH)2 dissolves in the NH3. The reaction is similar to that which takes 
place when AgCl dissolves in NH3 (see p. 84 ). The concentration of the 
in the ammoniacal solution is determined by the equilibrium equation 
for the dissociation of the nickel ammonia complex ion. 


Hence 


[Ni(NH 3 ) 6 ]'"+ ^ Ni-+-'- 4 - 0 NIL 

X U*NIT, 

P ~ “ A 


The above equation shows that the concentration of Ni++ varies inversely 
with the sixth power of the NH3 concentration. A ten-fold increase in 
Cnh» would decrease to one-millionth of its original value. 


3. Hydrogen Sulphide produces no precipitate in solutions of 
nickel containing mineral acids or much acetic acid. However, 
if the solution contains a relatively large amount of alkali acetate, 
or if the Solution is rendered alkaline with NH3, hydrogen sulphide 
will completely precipitate the nickel as black hydrated nickel 
sulphide, NiS. From solutions of neutral salts containing no 
free acid, only a partial precipitation takes place, owing to the 
accumulation of HaO^. 


Ni++ + H2S ^ NiS + 2 H+ 

Ni^+ + H2S + 2 C2H3O2- ^ NiS + 2 HC2H3O2 

From a solution of nickel ammonia complex containing a moderate excess 
of ammonia, H2S completely precipitates the nickel as NiS. However, 
when the excess of NIL is very large, no precipitation takes place. These 
experimental results are readily explained. For in the former case, in spite 
of the slight excess of NIL, the Cni++ is still large enough to exceed the 
S. P. of NiS; in the latter case, the large excess of NH3 reduces the Cni++ 
to so low a value (see reaction 2 ) that the S. P. of NiS is not reached. 

4. Ammonium Sulphide precipitates in neutral or alkaline solu¬ 
tions a black precipitate of hydrated nickel sulphide, apparently 
slightly soluble in an excess of the reagent, especially in the pres¬ 
ence of free NH3, with the formation of a dark brown solution 
(distinction from Co). The latter is not a true solution but a 
colloidal suspension of NiS. If the nickel sulphide sol is boiled or 
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if it is rendered acid with acetic acid and boiled, the colloid is co¬ 
agulated. The presence of large quantities of NH 4 CI prevents the 
peptization of NiS. Nickel sulphide is practically insoluble in cold 
dilute HCl (sp. gr. 1 . 02 ) (distin(;tion from the sulphides of Mn, Zn 
and Fe). It is also insoluble in acetic acid but is readily taken 
into solution by hot concentrated nitric acid or aqua regia with 
the separation of sulphur. The latter usually separates from the 
hot solution in a plastic condition and appears black because of 
the presence of some NiS inclosed in it. 

NiS Ni++ 4 - s + 2 e 

2 X NOa” + 2 + 1 e ^ NOs + H 2 O 

NiS + 2'N03- + 4 H-t Ni+-^“ + 2 NO 2 + 2 HaO H- S 

If tlie treatment with nitric acid or aqua regia is continued for some time, 
much of the sulphur will be oxidized to bisulphate ion. 

S + 4 H 2 O USOr + 7 + 6 c 

6 X NO.r 4 2 IT + 1 c -^> NO 2 + H 2 O 

S -f 6 N 63 " 4 5 11 + HSOr- 4 0 NC)2~4 2 liTo 

The ease with which NiS dissolves in aqua regia is probably due to the for¬ 
mation of the complex ion [NiCbl^. On dilution, the latter dissociates read¬ 
ily into Ni^"^ and 4 Cl". 

3 X NiS 4 4 CT [NiCh]* 4 S 4 2 e 

2 X N().r 4 4 H+ 4 3 c ^ NO 4 2 IW 

3 NiS 4 12 CT 4 2 NOa" 4 8 H+ ^ SlNiCUT 4 3 S 4 2 NO 

4 4 H 2 O 

The sulphides of Ni and Co are peculiar in that the^y are not pn^upitated 
from dilute HCl solution and yet when once formed do not dissolve in 
moderately strong HCl. The exceptional behavior of these sulphides has 
been explained by assuming that each exists in two forms having different 
solubilities in acids. When first precipitated by (NH 4 ) 2 S, the sulphide 
probably exists in the more soluble form, but on standing or heating, it 
polymerizes into the less soluble form. Nothing appears to be known re¬ 
garding the conditions affecting the equilibrium between these two states. 
But the assumption that NiS or CoS consists of a mixture of these two 
states is at least consistent with the observed fact that they dissolve some¬ 
what in dilute HCl. The amount dissolved is generally small but by in¬ 
creasing the surface of the sulphide in contact with the acid, i.e., by pre¬ 
cipitating the sulphide along with other sulphides or hydroxides which are 
readily soluble in acids, large amounts of NiS or CoS may be taken into 
solution. 

Exposed to the air, moist nickel sulphide is oxidized to NiSO^. 
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6, Potassium Nitrite does not give a precipitate even from con« 
(*entrated solutions of nickel containing acetic acid (distinction 
and method of separation from Co). However, should the con¬ 
centrated solution of nickel contain Ba, Sr, Co or Pb ions, even in 
the presence of acetic acid, a yellow crystalline precipitate may 
form such as K 2 BaNi(N 02 ) 6 . 

6. Dimethylglyoxime yields with solutions of nickel, a volumi¬ 
nous red precipitate of nickel dimethylglyoxime. 


2 


■“CHa—C--NOH' 
.CHa—i=NOH_ 


+ Ni++ <=i 


CHa—C- N\ /N=C—CHa 

o o 

)Ni( 


CH3~C> 


^C—CH 3 


+ 2H+ 


OH 


OH 


This is a chelate compound. It will be observed that the lone 
pair of electrons of each of the nitrogen atoms of the NOH groups 
form with the nickel a coordinate covalent linkage. This test 
was proposed by Tschugajeff, who showed that it was capable of 
detecting 1 part of nickel in 400,000 parts of water. Moderately 
largo quantities of cobalt do not interfere with this test. A high 
concentration of HaO^ would reverse the reaction, since dimethyl¬ 
glyoxime is a weak acid. It is for this reason that acid solutions 
of Ni'^'*' do not give the test. It is customary therefore to make the 
solution alkaline with NH 3 before adding the glyoxime. An excess 
of ammonia, however, must be avoided because of the strong tend¬ 
ency of Ni^*^ to form an ammonia complex. It is better to have 
the solution acid with acetic acid and buffered by much acetate 
ion. In this way the acidity of the solution can be maintained 
at a concentration low enough to permit a quantitative precipitate 
of Ni. There is, however, another disturbing influence in carrying 
out this test; this is occasioned by the presence of cobalt when 
present in large amount. The cobalt preferentially combines with 
the dimethylglyoxime to form a dark-colored complex ion. Hence 
an excess of the reagent must be employed when cobalt is present. 

7. Borax Bead Test A borax bead, when fused with a nickel compound 
in the oxidizing flame, is colored reddish-brown, due to the formation of 
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Na2Ni(B02)4. Borax is an acid salt in the sense that it contains an excess 
of the acid radical B20a. Thus Na2B407 = (NaB02)2(B20a). Hence when 
fused with basic oxides such as NiO, CoO or CuO, the latter unites with the 
B2O3 to yield a metaborate or a complex borate. 

Na2B407 —> (NaB02)2(B203) 

NiO + B2O3 Ni(B 02)2 
Na 2 B 407 -h NiO Na 2 Ni(B 02)4 

Reactions of the Cobaltous Ion 

1. Sodium Hydroxide precipitates, from cold solutions, a blue 
basic salt. On warming with an excess of the base, the precipitate 
is converted into pink cobalt hydroxide. 

Co++ + Cl- + OH- (b(OH)Cl 
Co(OH)CI + OH- Co( 0H)2 + Cl- 

The precipitate is insoluble in an excess of the reagent. On ex¬ 
posure to the air, the hydroxide turns brown, due to oxidation 
(resemblance to Fe+'^ and Mn++ and distinction from Ni"^). 

4 X Co(OH)2 + OH- ^ Co(OH)3 + 1 e 

O2 + 2 H2O + 4 e^ 4 : OH" 

4 Co(OH)2 + O2 + 2 H2O ^ 4 Co(OH )3 

Cobaltic hydroxide may be rapidly formed, if to the suspension 
of Co(OH) 2 in the alkaline solution some active oxidant be added, 
such as CI2, Br2, or Na202. 

2 Co(OH)2 + 02== + 2 H2O 2 Co( 0 H )3 + 2 OH^ 

This equation can be obtained by combining the partial equation 
above showing the formation of Co(OH)3, with that for Na202 
(see p. 217 ). Cobaltous hydroxide readily dissolves in strong 
solutions of ammonium salts; hence the presence of NH4 salts in 
sufficient quantity interferes with the precipitation of cobaltous 
hydroxide by alkali hydroxide. 

2. Ammonia, in the absence of NH4 salts, produces the same 
precipitate as in 1. The latter dissolves to a large extent in an 
excess of the precipitant with the formation of a brownish-yellow 
solution and the separation of a slight green flocculent precipitate. 
On exposure to the air, the brown solution turns reddish, due to 
the formation of a complex ammonia ion containing trivalent co¬ 
balt, such as [Co(NH 8)6]^^^. Solutions of cobalt containing am- 
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monium salts or free acid do not yield a precipitate with NHs 
(see reaction 2 under Nickel). As in the (;asc of Al, Cr and Fe, the 
precipitation of Co (OH) 2 is prevented by the presence of involatile 
organic acids or sugar. 

3. Hydrogen Sulphide, same as Ni. 

4. Ammonium Sulphide gives, with neutral or alkaline solu¬ 
tions, a black i)re(’ipitato of hydrated cobalt sulphide, CoS. The 
precipitate, unlike NiS, does not exhibit a tendency to form a 
colloidal solution and lu^nce it is insoluble in an excess of the pre¬ 
cipitant. The presence of NH4CI promotes the precipitation. 
Cobalt sulphide is practically insoluble in HCl (sp. gr. 1.02) (dis¬ 
tinction from Mn, Zn and F('). It is also insoluble in acetic acid 
but is readily taken into solution by hot concentrated nitric acid 
or aepta regia with the sei)aration of sulphur. (For equations see 
reaction 4 under Ni.) 

6. Potassium Nitrite when added in ex(nss to a moderately 
(‘oneentrated solution of cobalt acidified with acetic acid gives 
a yellow crystalline precipitate of potassium hexanitrocobaltate, 
K 3 [Ckj(N 02 ) 6 ](H 2())3 (distinction and method of separation from 
Ni). With dilute solutions the precipitate appears on warming 
and allowing th(' solution to stand for some time. 

Co+^ +6 N()2-+3 K+^K3 Co(N 02)6+ 1 e 

N()2 -f-2 e^NC)+H20+2 C 2 H 3 O 2 - 

CV ++7 NO 2--+3 K++2HC2H302^KaCo(N02)6+NO 

+H 2 O +2 C 2 H 3 O 2 - 

6. Borax Bead Test. A borax bead is colored blue when fused with a 
cobalt compound, either in the oxidizing or reducing flame. The compound 
which forms is Na 2 Co(B 02 ) 4 , the reaction being similar to that given for 
nickel in reaction 7. Experiments * showed that in mixtures of the sul¬ 
phides of Ni and Co containing as little as 3% CoS, a blue bead was ob¬ 
tained. With 2.5% CoS uncertain results were obtained, while with 2% or 
less of CoS the mixtures gave brown beads. 

Reactions of the Manganous Ion 

1. Soditun or Potassium Hydroxide produces a white precipi¬ 
tate of manganous hydroxide which quickly oxidizes in the air, 
becoming first brown and finally a dark brown (almost black), 
due to the formation of manganous manganite. The successive 
changes are represented in the following equations: 

♦ Curtman and Rothberg, J. A. C. S., SS, 188 (1911). 
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Mn++ + 2 OH- Mn(OH)2 
2 Mn(OH)2 + O2 T=± 2 H2Mn03 (manganous acid) 
H2Mn03 + Mn(OH)2 MriMnOs - 4 - 2 H2O 

The last equation shows the formation of manganous manganite 
from the action of unclianged Mn(OH)2, which is basic, on man¬ 
ganous acid formed in llie se(*ond equation abo\ e. 

2. Ammonia when ad(l(Hi to a neutral manganous solution con¬ 
taining no ammonium salt gives a partial precipitation of white 
Mn(OH)2, oxidizing as described in (1) to H2Mn()3. 

Mn++ + 2 NH., 4 - 2 H2O Mn(OH)2 + 2 XH4+ 

In the presence of sufficient aininoniuin ion, no immediate precipitate 
forms, owing to the lowering of the OH~ ion concentration. On standing in 
the air, Mn^"^ slowly oxidizes, producing the insoluble brown manganous 
acid which precipitates; and if the solution is left exposed for a sufficient 
length of time, all the manganese will precipitate. This bchavii^r of man¬ 
ganese must be taken into account in separating it from the trivalent 
metals, Al, Cr and Fe. In making the separation, the solution should con¬ 
tain a liberal excess of NH4OI, the solution should be ))oiled to Q.x\ye\ as 
much as possible the dissolved air, a slight excess of NH3 should be added 
and the precipitate centrifuged as quickly as ])ossibl(‘. If these conditions 
are adhered to, very little manganese will be preci})itated. 

3. Ammonium Sulphide j)recipitates light pink hydrated man¬ 
ganous sulphide. 


Mn+ ^ + S- MiiS 

On exposure to the air, the precipitate turns brown, due to oxida¬ 
tion. The presence of NH4CI promotes precipitation, since the 
sulphide when first formed is colloidal. It is easily soluble in di¬ 
lute acids (distinction from Ni and Co), even in acetic acid (dis¬ 
tinction from Zn as well as from Ni and Co). The ease with which 
the sulphide dissolves in acids is due to its relatively large solubility 
product constant (see also FeS). When boiled with a large excess 
of (NH4)2S, the pink hydrated form changes to the less hydrated 
green sulphide, (MnS)3(H20). 

4. Sodium Bismuthate (NaBiOs) when added to a cold solution 
of a manganous salt in dilute HNO 3 (sp. gr. 1.13) oxidizes the 
manganese to permanganic acid. 
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2 X Mn++ + 4 H 2 O MnOr + 8 H+ + 5 e 

5 X NaBiOs + 6 H+ + 2 e + 3 H 2 O + Na+ 

2 Mn+ + + 5 NaBiOs + 14 H+ 4 =^ 2 MnOr + 5 Bi+-^+ 

+ 7 H 2 O + 5Na+ 

In making the test, an excess of sodium bismuthate is added to 
the solution, the mixture stirred and finally centrifuged to remove 
the excess of the reagent. Care must be taken not to have too 
high a concentration of HNO3 and to keep the solution cold. If 
the solution is heated, some or all of the Mn 04 “' will be decom¬ 
posed with the precipitation of hydrated Mn02. Chlorides inter¬ 
fere with this reaction. 

6. Potassium Chlorate. If to a strong solution of a manganous 
salt (containing concentrated nitric a(cid, an excess of KCIO3 is 
added and the mixture boiled, the manganese will be precipitated 
as Mn 02 . 


Mn++ + 2 H 2 O 4 =^ Mn02 + 4 H+ -f- 2 e 
2 X CIO 3 - + 2 H+ + 1 c 4=^ Cl ()2 + H 2 O 

Mn++ + 2 CIO 3 -- ^ MnOs + 2 CIO 2 

6. Sodium Carbonate Bead. Jf a sodium earbonat(c l)ead is 
fused with a very small quantity of a manganese compound in the 
oxidizing flame or if the fused mass while hot is quickly dipped 
into a little powdered potassium chlorate, a bluish-green mass 
will be formed due to tlie formation of sodium manganate. This 
test shows a delicacy of one part in 60,000.* 

The eciuation can be written using the valence-change method as fol¬ 
lows: 

Mn ()2 -f Na^COs + KClOa Na 2 Mn 04 + CO 2 + KCl Incomplete 
Mn^^ Mn^*^, loss 2 c; > C\~\ gain 6 e. 

Hence 3 Mn ^ 1 Cl and we get 

3 MnOi -f 3 Na 2 C 03 + KCIO 3 3 Na 2 Mn 04 + 3 CO 2 -f KCl 
3 Na 2 Mn 04 require 3 Na 2 C 03 and the latter yield 3 CO 2 . 

Reactions of the Zinc Ion 

1. Sodium or Potassitun Hydroxide produces a white gelatinous 
precipitate of zinc hydroxide readily soluble in an excess of the 

* Curtman and St. John, “A Study of the Sensitiveness of the Bead and Lead 
Dioxide Tests for Manganese with Special Reference to the Interference of Iron,*’ 
J. A. C. S., 34 . 1676 (1912). 
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reagent with the formation of a zincate (similar to A1 and distinct 
from Fe (ic) and Mn). 

Zn++ + 2 OH- Zn(OH)2 

Zn(OH)2 + 2 OH- [Zn(OH)4]-“ 

Zinc hydroxide is amphoteric and hence acts as a weak base as 
well as a weak acid. Its solution in strong acids and bases may 
be represented as follows: 

Zn(OH )2 + 2 H+ ^ Zn++ + 2 H 2 O 
Zn(OH )2 + 2 OH- [Zn(OH)4]== 

Since water contains OH ions, all aqueous solutions of zinc must 
contain in addition to [Zn(H 20 ) 4 ]'^*^ some [Zn(OH)4]“ formed 
according to the following equation: 

fZn(H20)4]++ + 4 OH- [Zn(OH)4]=^ + 4 H 2 O 

The exact number of molecules of water associated with the zinc 
ion is not known, but we have written the hydrated ion with 4 
molecules of water because like Ni++ it exhibits a coordination 
number of 4 and 6. 

2. Ammonia yields with neutral solutions containing no am¬ 
monium salts, a white precipitate of Zn(OH) 2 , readily soluble in 
ail excess of the reagent* as well as in NH 4 salts. 

Zn++ + 2 NH3 + 2 H2O <=± Zn(OH)2 + 2 NH4-^ 

The solubility of Zn(OH )2 in an excess of the reagent is due to 
the formation of the complex cation Zn(NH 3 ) 4 ^"^ or Zn(NH 3 ) 6 '^‘^ 
(similar to Ni and Co and distinct from Al, Cr, Fe and Mn). 

Zn(OH )2 + 4 NH3 ^ Zn(NH3)4++ + 2 OH- 

For an explanation of the solubility of Zn(OH )2 in solutions of NH^ salts 
as well as the failure of Zn"*"^ to yield a precipitate of the hydroxide in 
the presence of NH 4 salts see reaction 2 under Nickel. 

3. Hydrogen Sulphide does not precipitate ZnS from acid solu¬ 
tions of zinc containing an oxonium ion concentration equal to or 

* A precipitate is less soluble in the presence of an excess of one of its ions than it 
is in pure water unless a complex ion forms. We should expect that as we add 
an excess of NHa, the Coh~ would increase and hence a greater precipitation of 
Zn(OH )2 would result. But on increasing the amount of NHs solution, the NH 3 
concentration increases much faster than that of the OH" and since the equilibrium 
constant for Zn(NH 8 ) 4 ‘'"'^ is considerably smaller than the S. P. constant for Zii(OH) 2 , 
the latter dissolves to yield ZnCNH*)^^'^. 
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greater than that of a 0.3 M HCl solution. For under these condi¬ 
tions, the S“ concentration is too low to exceed the S. P. constant 
for ZnS. From solutions of zinc salts of inorganic acids, as well 
as from acid solutions whose pH is greater than 0.6, partial pre¬ 
cipitation of the sulphide takes place. In the former case the 
HaO'^ accumulates as precipitation takes place and hence prevents 
complete precipitation. 

Zn++ + HaS ^ ZnS + 2 H+ 

Complete precipitation in the above cases may be effected by adding to 
the solution a moderate amount of alkali acetate. The latter reduces the 
concentration of HaO'^ and thereby increases the concentration of the kS“. 
From solutions of Zn(C 2 ll 302 ) 2 , H-jS precipitates all the zinc as sulphide on 
boiling. ZnS, like CdS and NiS, has a great tendency to assume the col¬ 
loidal state when first formed, and to pass through a filter. This condition 
may be overcome by precipitating the sulphide in a nearly boiling solution 
of acetic acid containing a moderate amount of NaC 2 H 302 and then centri¬ 
fuging the mixture. The precipitate may then be washed with hot water 
containing NIl4C2H3()2 or NH4NO3 and H2S. The addition of 1 ml. of a 
0.2% gelatin solution followed by boiling the solution is also effective in 
coagulating colloidal precipitates. 

Hydrogen sulphide prccijntates ZnS completely from solutions of sodium 
zincate. 

[Zn(OH)4r + ILS ZnS 4- 2 H 2 O + 2 OH" 

The above reaction may be represented as taking place as follows. Actu¬ 
ally, nothing is known concerning the mechanism by which ZnS is formed 
in this reaction. 


[Zn(OH) 4 ]-“ ^ Z 11 ++ 4- 4 OH- 
H 2 S (H+ -h HS-) ^ S“ 4-2 11+ 
it it 

ZnS 2 II 2 O 4- 2 OH- 

4. Ammonium Sulphide precipitates from neutral and alkaline 
solutions a white precipitate of hydrated zinc sulphide. 

Zn++ 4- S- ZnS 

The precipitate is insoluble in an excess of the reagent but is 
peptized by an excess of H 2 S or alkali bisulphide.* The presence 
of NH4CI assists the precipitation by coagulating the colloidal 
ZnS which first forms. Zinc sulphide is soluble in dilute mineral 
acids, but it is insoluble in acetic acid and caustic alkalies. 

♦ McCay, J. A. C. 5., SO, 376 (1908). 
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6. The Ignition Test.* Any dried zinc compound, when mois¬ 
tened vdth a dilute solution of Co(N 03)2 and ignited, will yield a 
green mass. The latter is either cobalt zincate, CoZnOj, or a solid 
solution of cobalt oxide and zinc oxide. 

THE METALS OF GROUP 4 
BARIUM, STRONTIUM AND CALCIUM 

Reactions of the Barium Ion 

1. Ammonia (free from carbonate) does not yield a precipitate 
with barium ion. It, however, the clear alkaline solution is exposed 
to the air, or if the reagent contains a little C 03 “‘,t a turbidity 
results due to the formation of barium carbonate. The hydroxide 
is not precipitated because of its relatively high solubility. 

CO 2 + 2 NHa + H 2 O C03== + 2 NH 4 + 

Ba-^+ + C()3== ^ BaCOa 

2. Ammonium Sulphide (free from carbonate) produces no pre¬ 
cipitate with solutions of barium salts. If the alkaline solution is 
allowed to stand in the air or if the (NH 4 ) 2 S contains a little C 03 ""t 
(in consequence of the absorption of atmospheric CO 2 ), a slight 
turbidity results due to the formation of BaCOa. Barium sulphide 
does not precipitate because, like the sulphides of A1 and Cr, it is 
completely hydrolyzed in aqueous solution. 

3. Ammonium or Sodium Carbonate precipitates from neutral 
or alkaline solutions of barium salts a white flocculent precipitate 
of BaCOs, which on standing or heating becomes crystalline. 

Ba++ + COs- ?=± BaCOa 

The precipitate is slightly soluble in ammonium salts of strong 
acids. Hence to precipitate small amounts of BaCOs, the solu¬ 
tion should be free from NH4 salts. The failure of (NH4)2C03 
to precipitate small amounts of alkaline earth metals as carbonates 
in the presence of ammonium salts may be explained as follows: 

* Bloxam, J. C. S., 18 (1865), 98. 

t On exposure to the air, all alkaline liquids absorb CO 2 with the formation of 
COa"". The reagent ammonia may therefore contain a little COa” and hence will 
yield a slight precipitate with neutral solutions of the ions of the alkaline earth 
metals (see equation alxive). 

$ Ammonium sulphide solution has a moderate OH ion concentration, due to 
tho Hydrolysis of the (see reaction 3 under Aluminum). 
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Ammonium ion, NH 4 "^, being an acid, readily reacts with the base, 
carbonate ion, COs*; the latter is a base because it can associate 
protons with the formation of the bicarbonate ion, HCOs". The 
reaction may be formulated as follows; 

NH 4 + + C 03 “ 4 =^ NH 3 + HC 03 “ 

Acidi Basez Basei Acid2 

The effect of this reaction is to reduce the Ccos- of the solution to 
such an extent that the solubility product constant for BaC 03 
cannot be reached when the concentration of is small. The 
above explanation also accounts for the slight but appreciable 
solubility of the carbonates of the alkaline earth metals in NH4CI 
solution. For in these cases, the Cco,- derived from the solution of 
the precipitate is lowered by the NH 4 "^; as a consequence more of 
the precipitate must go into solution.* The above changes may be 
briefly represented by the following equation: 

BaCOs + NH4+ Ba^ + NH3 + HCO3- 

Barium carbonate is readily soluble in acids, even in acetic and 
carbonic acids. 

BaCOa + Ba++ + HCO3- 

HCO3- + H2CO3 H2O + CO2 

4. Dilute Sulphuric Acid or any soluble sulphate gives, even 
with very dilute solutions of barium ions, a heavy, white, finely 
divided precipitate of BaS 04 , practically insoluble in water (the 
solubility being about 2.5 mg. per liter). The precipitate is prac¬ 
tically insoluble in dilute HCl or HNO3 but is somewhat soluble 
in concentrated acids. In dilute H 2 SO 4 , it is even less soluble than 
it is in water, owing to the common ion effect. Its slight solubility 
in concentrated HCl or HNO3 is due to the formation of HS04”.t 

BaS04 + H+ Ba-n- -f- HS04~ 

* The S. P. constants of the carbonates of the alkaline earth metals are fairly 
small, being approximately lO"*; so that in solutions containing moderate amounts 
of Ba, Sr or Ca ions, precipitation by (NHUaCO* takes place even in the presence of 
NH 4 CI. However, in the case of MgCOj, the S. P. (10“®) is 10,000 times greater 
than that of the carbonate of any of the alkaline earths, and hence the reduction 
of the concentration of the COa*" by NH 4 CI becomes appreciable enough to prevent 
much Mg^'^ from precipitating by (NHOaCOa (method of separating Mg from the 
alkaline earth metals). 

t HSO4" is a weak acid having an equilibrium constant of 1.1 X 10”*. 
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When boiled with a strong solution of Na 2 C 03 , BaS 04 is partially 
transposed into BaCOs* according to the equation: 

BaSOi + COs" ^ BaCOa + SOr 

The transformation is incomplete owing to the reversibility of the 
reaction. If the mixture is centrifuged and boiled with a fresh por¬ 
tion of Na 2 C 08 solution, more of the BaS 04 will be changed to car¬ 
bonate. By repeating this process, practically all the sulphates 
may be transposed into the corresponding carbonate. Since the 
latter, after thorough washing to remove the soluble sulphate, is 
readily soluble in acids, this procedure may be employed to take 
insoluble sulphates into solution. A more expeditious method of 
rendering the above reaction complete consists in fusing the 
BaS 04 in a platinum crucible with 4-6 times its weight of Na 2 C 03 . 
In this way the highest concentration of CO:r is attained, and the 
reaction proceeds to completion in one operation. After thoroughly 
extracting the cooled melt with water, the residue may be dis¬ 
solved readily in dilute acid. 

6. Potassium Chromate gives a yellow precipitate of barium 
chromate with a neutral or acetic*, acid solution of barium ions. 

Ba++ + Cr 04 “ BaCr04 

The precipitate is practically insoluble in water and in dilute 
acetic acid (distinction from Sr and Ca) but is soluble in mineral 
acids. 

When an acid is added to K 2 Cr 04 solution, the yellow color changes to a 
reddish-orange due to the formation of Cr 207 “. The ionic equilibria are: 

2 Cr04“ + 2 H+ ^ 2 HCr04- Cr207“ + H 2 O 

Yellow RcddiHh-orarige 

* In a solution in equilibrium with BaSO* and BaCOs the followinj? relations 
must hold: 

(1) * X Csor = KBnSO* = 1 X 

(2) X CcOs“ = KhaJCOt = 8 X 10~* 

Dividing (1) by (2) we get: - - • = 0.12 X 10“^ or .01 approximately 
Ccos“ 

Hence the extent of the transposition will depend upon the ratio of the S. P. con¬ 
stants and in this case we see that the ratio of the C sor to C’cos" is approximately 
0.01. With the aid of this relation we can calculate approximately how hmch BaSO ? 
will be transposed by 50 ml. 3 NasCO*. A 3 NazCOs solution * 1.5 M = 0.0015 
mole per ml.; hence 50 ml. « 50 X 0.0015 =■ 0.075 mole NazCOa or COa”". Substi¬ 
tuting in the equilibrium equation, we get « 0.01; whence Csor =* 0.0007& 

0.075 

mole, which corresponds to 233 X 0.00075 « 0.174 g. of BaSOa. 
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All the above reactions are reversible. Hence, on adding a base (OH ions) 
to a dicliromate, the H"^ will be removed and the reaction will go from right 
to left, i.e., a chromate will form. It is also clear from the above equilibria 
that a solution of a dichromate contains Cr 04 ” and vice versa. A large 
concentration of HaO'^ will lower the Ccror to such an extent that the 
S. P. constant for Ba(/r 04 will not be reached. Hence to precipitate 
with K 2 Cr 04 , strong acids must be removed or neutralized. It must be 
clear to the reader why K 2 Cr 207 gives only a partial precipitation of 
BaCr 04 unless sodium acetate is added. 

Cr207= -f H 2 O 2 H+ + 2 Cr04“ 

2 Ba++ -f 2 Cr 04 = 2 BaCr 04 

CT20r + 2 "Ba++ + H 2 O ^::± 2 BaCr 04 + 2 H+ 

The addition of NaC 2 H 3()2 acts as a buffer by reducing the HaO"^ con¬ 
centration; as a consequence complete precipitation takes place. 

The solubility product constants for SrCr 04 and CaCr 04 are consider¬ 
ably larger than that for BaCr 04 and hence require a high concentration 
of Cr 04 “ to precipitate them. The addition of acetic acid to the K 2 Cr 04 
lowers the Cr() 4 '” concentration sufficiently to prevent Sr and Ca from pre¬ 
cipitating as chromates and yet maintains a concentration of 0 ^ 04 ” high 
enough to precipitate BaCr04. The small Ccror of the solution is of course 
only sufficient to precipitate a small quantity of Ba'^'^. But as soon as the 
Cr 04 *‘ is removed, more is supplied by the dissociation of the weak 
HCr 04 ~. The case is similar to the precipitation of the Group 2 metal ions 
by H 2 S in 0.3 M HCl. Here also as soon as the S” is removed, it is replaced 
by further ionization of H 2 S. The oxoniurn ion in both cases regulates the 
concentration of the precipitant. 

Barium chromate, like BaS 04 , is best precipitated in a boiling 
solution; for under these conditions large crystals are obtained 
vvhi(di can be readily centrifuged and waslu d. 

6. Ammonium Oxalate gives a white precipitate of barium 
oxalate, BaC 204 (H 20 ), in moderately dilute solutions of barium 
ions. The precipitate is somewdiat soluble in water (0.09 g. per 
liter at 18°) and soluble in boiling acetic acid (distinction from Ca). 

Ba++ + C 204 =^ BaC 204 

7. Disodium Phosphate precipitates in neutral solution, white 
flocculent BaHP 04 . 


Ba++ + HP 04 “ ^ BaHP 04 

In ammoniacal solutions, the tertiary phosphate precipitates. 

HP04“ + OH- H2O + PO4* 

2 P04'^ -f 3 Ba-^^ Ba3(P04)2 
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Both precipitates are easily soluble in dilute acids, including acetic 
acid, due to the formation of H2P04“, which is very little ionized 
(X = 2 X 10 - 7 ). 

BaHP04 + ^ Ba ^^^ -f HoP04~ 

Ba 3 (P 04)2 -f 4 IT 3 Ba-^+ + 2 H2PO4- 

8. Potassium Ferrocyanide yields with concentrated solutions of barium 
ions a crystalline precipitate of l)arium-potassium ferrocyanide, BaK-iFe- 
(CN)6(H20)3. If an ammonium salt is present, a precipitate of barium- 
potassium ammonium ferrocyanide forms of variable composition. 

9. Flame Reaction. When heated in the Bunsen flame, barium 
salts, preferably the chloride, impart to it a yellowish-green color. 

Reactions of the Strontium Ion 

1. Ammonia. Same as with barium ions. 

2. Ammonium Sulphide. Same as with barium ions. 

3. Ammonium Carbonate gives a white precipitate of SrCOs 
more insoluble in water than BaCOs; in other respects it possesses 
the same solubilities as BaCOa. 

4. Dilute Sulphuric Acid or any soluble sulphate produces a 
white precipitate of SrS04. The precipitate is more soluble in 
water (110 mg. per liter at 20 *^) than the barium salt. It is some¬ 
what soluble in dilute and concentrated acid due to the forma¬ 
tion of HS04“ but is much less soluble than CaS04. It may be 
completely transposed into the corresponding carbonate by boil¬ 
ing with a strong solution of Na2C03.* 

SrS04 + C03== SrCOa + 804== 

SrS04 is practically insoluble in a concentrated solution of 
(NH4)2804 even on boiling (distinction from Ca). 

6. Alkali Chromate does not precipitate strontium chromate 
from dilute neutral solutions nor from concentrated solutions 
containing acetic acid (distinction and method of separation from 
barium ions). For an explanation of the failure of K2Cr04 to pre¬ 
cipitate 8rCr04 in acetic acid solution, see reaction 5 under Barium. 

6. Ammonium Oxalate. 8ame as with barium ions. 

♦ Since SrS04 is more soluble than SrCOa, the equilibrium ratio of Cso 4 “’ to Coo*” 
will be much larger than that found for the corresponding barium salts. The value 

in the case of the strontium salts is 150, which is considerably larger than 0.01, 

Ccoi” 

the value found for the corresponding barium compounds. Hence only one treat¬ 
ment with Na 2 C 08 is necessary to transpose SrSO^ to SrCOa (see footnote, p. 176). 
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7. Disoditun Phosphate. Same as with barium ions. 

8. Sodium Sulphite, when concentrated, freshly prepared and 
free from 804“”, precipitates white strontium sulphite, SrSOa, 
almost insoluble in acetic acid. It dissolves in water to the extent 
of 0.033 g. per liter at 16 "^. 

9. Flame Reaction. When heated in the Bunsen flame, stron¬ 
tium salts, preferably the chloride, impart to it a characteristic 
crimson color. 

Reactions of the Calcium Ion 

1. Ammonia. Same as with barium ions. 

2. Ammonium Sulphide. Same as witii barium ions. 

3. Ammonium Carbonate precipitates white amorphous CaCOa, 
which on heating gradually becomes crystalline; it is more insolu¬ 
ble in water than BaCOa. 

4. Dilute Sulphuric Acid or any Soluble Sulphate precipitates 
only from concentrated solutions, white calcium sulphate CaS04 
(H20)2, whic^h dissolves in a large volume of water (2.8 g. anhydrous 
salt per liter at 25 °). The precipitate is more soluble in acids than 
either BaS04 or SrS04, due to the formation of HS04“. It is fur¬ 
thermore more soluble in a hot concentrated solution of (NH4)2S04 
than the corresponding salt of strontium (distinction and method 
of separation from Sr). 

5. Alkali Chromate does not yield a precipitate from dilute neu¬ 
tral solutions nor from concentrated solutions containing acetic 
acid. 

6. Ammonium Oxalate precipitates white crystalline calcium 
oxalate, CaC204(H20), immediately from concentrated solutions 
and slowly from dilute solutions of calcium ions. 

Ca++ + 0204=^ ^ CaC204 

The precipitation is promoted by heating and by making the solu¬ 
tion alkaline with NHs. Calcium oxalate is practically insoluble 
in water ( 0.006 g. per liter at 20°) and in acetic acid but readily 
dissolves in mineral acids: 

CaC 204 + H+ Ca+^- + HC2O4- 

The fact that CaC204 is readily soluble in mineral acids but not appre¬ 
ciably affected by acetic acid may be explained as follows: Calcium oxalate 
is only slightly soluble in water. Its saturated aqueous solution therefore 
contains a small concentration of Ca^'*' and C?04'’. The molar concentra- 



CALCIUM 


179 


tions of these ions are such that their product is equal to the S. P, constant 
for CaC204 (solubility product principle). To dissolve CaC204 in HsO^ 
ions, the concentration of the C2O4” must be considerably lowered so that 
the product of the concentrations of and C20r will continuously fall 
below the S. P. constant for CaC204. The Cc^ar can be lowered in this 
case by forming some HC204“ or some un-ionized oxalic acid, H2C2()4. 
The ionization constants for these acids are respectively 4.9 X 10 ~^ and 

3.8 X 10 ~^, each of which is greater than that of acetic acid, which is 

1.8 X 10 “^ Hence acetic acid cannot exert a solvent action on CaC204. 
For as soon as a very small quantity of HC204“ would form by the union 
of HsO'^ and C2O4", the ionization constant for HC2O4" would he satisfied 
and the action would stop. 

Quite different is the case when a strong acid such as HCl is added. 
The latter, being highly ionized, supplies a very large concentration of 
From the following equilibrium equation for HC204'", 

ChC204“ 

it must be evident that the larger the concentration of is made by 

the addition of HCl, the smaller will be the Caor necessary to satisfy the 
constant. When a moderate excess of a strong acid is used, the Cc,or 
reduced to a value considerably lower than that supplied by CaC204 in its 
saturated aqueous solution. Hence the C2O4 ions unite with the ILO^, 
first to form HC204“ and then H2C2O4. The removal of 0204* from the 
solution causes more of the solid CaC204 to dissolve and when sufficient 
HCl is present, the process of removal and solution continue until all the 
oxalate is dissolved. 

7 . Disodium Phosphate. Same as with barium ions. 

8. Potassium Ferrocyanide gives a white crystalline precijiitatc 
of potassium-calcium ferrocyanide, CaK2Fe(CN)6(H20).'i. In the 
presence of ammonium salts, a wliite crystalline precipitate of 
calcium-potassium-ammonium ferrocyanide of variable (composi¬ 
tion is formed. 

9. Flame Reaction. Calcium salts impart to the Bunsen flame 
a yellowish-red color. 

thp: metals of group 5 

MAGNESIUM, POTASSIUM, AMMONIUM AND SODIUM 

Reactions of the Magnesium Ion 

1. Amm onia gives with neutral magnesium solutions fre(‘ from 
ammonium salts a partial precipitation of white gelatinous mag¬ 
nesium hydroxide, Mg(OH) 2 . 

Mg++ + 2 NH3 + 2 H2O ^ Mg(OH)2 + 2 NH4-" 
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The incompleteness of the precipitation is due to an increase of 
the ratio of NH 4 '^ to OH“ as the above reaction progresses, caus¬ 
ing the OH ion concentration, which is already low, to become 
so far reduced that much Mg++ must remain unprecipitated. 
Mg(OH )2 dissolves readily in acids. It also dissolves in the pres- 
enc(‘. of NH 4 salts; hence Mg^"^ cannot be precipitated by NH 3 in 
the presence of sufficient NH 4 salts. Mg^"^ possesses this property 
in common with Zn++, Ni^'^ and Co^*^ (see reaction 

2 under Nickel). 

Mg(OH )2 + 2 NH 4 + ^ Mg++ + 2 NH 3 + 2 H 2 O 

2. Sodium Hydroxide or Calcium Hydroxide in the absence of 
ammonium salts gives the same precipitate as in 1. Mg(OH )2 is 
insoluble in an excess of the reagent but when freshly precipitated, 
it dissolves readily in .solutions of ammonium salts. 

Mg^+ + 2 OH- ;=± Mg(OH )2 
Mg(OH )2 + 2 NH 4 + Mg++ + 2 NH 3 + 2 H 2 O 

3. Ammonium Carbonate does not precipitate magnesium ions 
in the presence of sufficient ammonium salts.* The latter reduce 
the CO 3 ion concentration sufficiently to prevent the S. P. con¬ 
stant for MgCOa from being reached. 

NH 4 + + C() 3 ^ ^ NH 3 + HCOa- 

In solutions containing no ammonium salts, a white basic salt 
of variable composition precipitates on standing or on boiling. 

4 Mg++ + 4 COs^ + H 2 O ^ Mg4(C03)3(0H)2 + CO 2 

4. Disodium Phosphate, added to a neutral magnesium solu¬ 
tion, yields a flocculent precipitate of MgHP 04 (H 20 ) 7 . 

HPO 4 - + Mg++ ^ MgHP04 

However, if ammonia and ammonium chloride be added to the 
magnesium solution before the addition of the disodium phos¬ 
phate, a characteristic white crystalline precipitate forms: 

HP04“ + OH- H 2 O + PO 4 - 
P04"^ + NH 4 + + Mg++ ^ NH4MgP04 

* NH4CI does not however keep all the Mg++ in solution when alkaline earth 
metals are also present. For losses of in systematic analysis see article by 

Curtman and Mermelstein, Rec. irav. chim., 63 (1934), 34. 
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The solution is made alkaline with NH3 for two reasons: 1. To render 
the precipitation complete, for otherwise the produced as a by-product 
of the reaction, would have a solvent effect on the precipitate, as shown in 
the following reversible reaction: 

HPOr + Mg^-+ + NH4+ ^ NH 4 MgP 04 + 

According to the above reaction, any acid which is stronger than IIPO4* 
should dissolve NH4MgP04. Hence acetic acid, which is ionized 1.3% in 
a 0.1 A solution, will dissolve it, since HP04“ in a 0.1 A solution is ionized 
only 0 . 0001 %. 2. The normal solubility of KH4MgP04 is increased by its 
hydrolysis according to the eciuation: 

NH4MgP04 + H 2 O ^ NHs + H 2 O + Mg++ -f nP04=“ 

It is evident, therefore, that the addition of NHs will minimize this tend¬ 
ency. 

The presence of NH4CI is necessary to prevent the precipitation of 
Mg(OH)2 when the solution is made alkaline with NH3. It also, by its 
common ion effect, assists the precipitation. 

From dilute solutions, the precipitate forms slowly (due to ite 
tendency to form a supersaturated solution), but it may be has¬ 
tened by cooling and vigorously stirring the mixture. The precipi¬ 
tate is somewhat soluble in water (8.6 X 10"^ g. per liter at 20°) 
but it is practically insoluble in 2.5% ammonia water. 

6. Ammonium Oxalate does not yield a prc^cipitate in dilute 
solutions of magnesium salts; in concentrated solutions, however, 
a precipitate of Mg(y 204 (Il 20)2 forms. The presence of ammo¬ 
nium salts renders thci precipitation incomplete. 

6. H2S, (NH4)2S (in the presence of ammonium salts) and 
H2SO4 do not yield a precipitate with magnesium ion. 

7. 0-A-dihydrox3rmonazo-/>-nitrobenzene * gives with even very dilute 
solutions a sky-blue lake. The test is made as follows: To the magnesium 
solution slightly acid with HCl, 1 drop of the reagent is added. It is then 
made alkaline with dilute NaOH when the blue lake forms. Al, Mn and 
the alkaline earth metals do not give this test. Ammonium salts must Ixi 
removed if present in large amounts. Ni and Co give precipitates but the 
latter have a different shade from that of the Mg lake. 

8. Potassium Ferrocyanide in the presence of NH 4 '^ precipitates mag¬ 
nesium as KNH 4 Mg[Fe(CN) 6 ]. 

Reactions of the Potassium Ion 

1. Soditim Cobaltinitrite, Na3[Co(N02)6], gives with solutions of 
potassium salts, acid with acetic acid, a yellow precipitate of 
potassium-sodium cobaltinitrite: 

* Suitsu and Okuxna, Chem. Abstracts, 20 (1926), 3000. 
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Na-^ + [Co(N02)6]* + 2 K-^ <i± K2Na[Co(N02)«] 

The composition of the precipitate varies with the relative 
amounts of reagent and potassium salt (Cunningham and Per¬ 
kins, J. A, C, S.f 1909). If the potassium salt is present in excess, 
K3 [Co(N 02)6] is formed. From dilute solutions, the precipitation 
may be hastened by warming the mixture. This reagent is un¬ 
questionably the best known for the detection of potassium, but 
the following precautions must be taken in its use. (1) Since am¬ 
monium salts give a similar precipitate, they must be completely 
removed. (2) The solution must not be alkaline else Co(OH )2 will 
precipitate. (3) Iodide and other reducing agents interfere with 
the test, the iodide being oxidized to I 2 by the nitrite. Hence to 
test KI for potassium, treat it in a 5 ml. beaker with an excess of 
HNO3 and evaporate the solution to dryness. Take up with a 
little water, acidify with acetic acid and add the reagent. 

2. Chloroplatinic Acid (H 2 PtCl 6 ) produces in concentrated solutions of 
potassium ions a yellow crystalline precipitate of potassium chloro- 
platinate: 

2 K+ + [PtCle]- K^PtCle 

From moderately dilute solutions, precipitation takes place only after 
standing, but may be hastened by cooling, stirring or shaldng the mixture 
vigorously in a test-tube. 

Solutions of potassium iodide or potassium cyanide do not give this test, 
owing to reactions which take place between the anions and the reagent. 
These salts should be first changed to the chloride by evaporating under 
the hood with concentrated HCl. Ammonium salts give a similar precipi¬ 
tate with the reagent. They must therefore be removed before applying 
this test. 

3. Tartaric Acid (H 2 C 4 H 4 O 6 ) produces in concentrated neutral solu¬ 
tions of potassium salts a white crystalline precipitate of potassium acid 
tartrate: 

K+ + H 2 C 4 H 4 O 6 ^ KHC 4 H 4 O 6 + H+ 

Precipitation may be hastened by vigorously shaking the mixture. The 
precipitate is soluble in alkalies and in mineral acids. 

KHC 4 H 4 O 6 + OH- K+ + H 2 O + C4H40r 
KHC 4 H 4 O 6 4- H+ K+ 4- H 2 C 4 H 4 O 6 - 

Since ammonium salts yield a similar precipitate with the reagent, they 
must be removed before applying this test. 

4. Flame Test. Potassium salts, preferably the chloride and 
nitrate, impart a violet color to the Bunsen flame. The sensitive- 
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ness of this test was given by Bunsen as 0.001 mg. KCl. Small 
amounts of sodium compounds interfere with this test by masking 
the color. 

6 . Heated below a red heat, potassium chloride is not volatil¬ 
ized (distinction from ammonium salts). 

Reactions of the Ammonium Ion 

As already pointed out (see footnote, p. 129), an aqueous solu¬ 
tion of ammonia gas is a weak base since the Con- is relatively 
small even in solutions containing a high concentration of NH 3 . 
The presence of NH 4 '^ and OH“ in an ammonia solution may b(^ 
considered as due to the action of a small quantity of the NH 3 on 
the H 2 O according to the following equation: 

NH 3 + H 2 O NH 4 + + OH- (1) 

From this point of view NH 4 '^ may be regarded as a stable com¬ 
plex ion of H**" and like all such ions, it is capable of dissociating 
to a small extent into its components NH 3 and H+ according to 
the following equation, provided a base such as water is pi’esent to 
accept the proton: 

NH4+ ^ NH3 + H+ 

In an ammonia solution we have all the molecular species shown 
in equation (1). At equilibrium we should have, since Ch^o is a 
constant: 

= 1.8 X 10-^> 

The small value of the constant shows that NH 4 ^ and OH” 
cannot exist in high concentration with each other. When the so¬ 
lution contains an excess of one or both of these ions, reaction ( 1 ) 
takes place from right to left with an increase in the concentration 
of the NHa. 

1. Sodium Hydroxide (or a concentrated solution of any strong 
base) when added to a solid ammonium salt or to a sufficiently 
concentrated solution of the latter will decompose the ammonium 
salt with the evolution of ammonia gas. The latter may be recog¬ 
nized by its characteristic odor or by its ability to turn moistened 
litmus paper blue. 
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NH4+ + OH- ^ NH3 + H2O 

The evolved NH3 may also be identified by its property of black- 
ening a piece of mercurous nitrate paper. 

Hg 2-^++2 NO 3-+2 NH 3 ^(HgNH 2 N 03 +Hg)+NH 4 ++N 03 - 

With dilute solutions of NH4 salts or solid mixtures containing a 
small percentage of NH 4 '^, it will be necessary to heat the mixture 
aft('r the addition of the alkali. (Read the note below before pro¬ 
ceeding to heat!) 

Note. This test cannot he performed safely in a test-tube, owing to the 
tendency of the mixture, when heated, to bump with the possible danger 
of having the alkaline mixture epurted into the eyen. The test should, there¬ 
fore, always be carried out in a small beaker. Moderate amounts of NH 4 ^ 
may be readily detected without heating, by avoiding a large excess of the 
alkali and by thoroughly stirring the reaction mixture. If, however, small 
amounts are to be detected, the mixture should be gently heated (not to 
the boiling point) with constant stirring, being careful not to bring the face 
directly over the beaker because of the danger referred to above. Do not smell 
the vapors while heating the mixture! After heating the mixture for about a 
minute with a low flame remove the beaker from the flame and cautiously 
smell the vapor. 

2. Sodium Cobaltinitrite gives a yellow precipitate similar to 
that formed with potassium compounds. Hence in testing for 
potassium with this reagent, ammonium salts must be removed. 
This is accomplished by luxating the mixture in a porcelain dish 
just below a red heat, until no more fumes of Nhl 4 salts are given off. 

3. Action of Heat on Ammoniimi Salts. At a temperature just 
Ix'low a red heat all ammonium salts are either volatilized or de¬ 
composed (distinction and method of separation from K and Na). 
In many cases where the acid is volatile, the vapor of the salt un¬ 
dergoes extensive dissociation into the acid and ammonia; but the 
latter quickly combine on cooling to form the salt again. Thus with 
NH4CI the action may be represented by the reversible reaction: 

NH4CI ^ NH3 + HCl 

4. Chloroplatinic Acid (H 2 PtCl 6 ) precipitates yellow crystalline am¬ 
monium chloroplatinate under the same conditions given for the potas¬ 
sium salt (see reaction 1 under Potassium). 

2 NH 4 + -H [PtCU]- ?:± (NH4)2PtCl6 
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The precipitate is decomposed by an excess of NaOH with the evolution 
of NH3 (distinction from, the K-salt). 

(NH 4 ) 2 PtCl 6 -f 2 OH- PtClfi^ + 2 NHs + 2 H2O 


Reactions of the Sodium Ion 

1. Magnesiiim Uranimn Acetate gives with sodium solutions 

which are not too dilute a crystalline precipitate of sodium mag¬ 
nesium uranyl acetate, NaMg(U()2)3(C'2H302)9(H20)9. K^, NH4+ 
and do not respond to this test. 

2. Chloroplatinic Acid, Tartaric Acid and Sodium Cobaltinitrite 
do not give a precipitate with sodium ion. 

3. Flame Reaction. Sodium compounds impart a yellow color 
to the Bunsen flame even when the (piaiitity is exceedingly small. 
Bunsen and Kirchhoff state that as small an amount as 3 X 10 “^* 
mg. of sodium will give the flame test. To distingiiish V)etween a 
trace and a significant amount, the intensity as well as the dura¬ 
tion of tlui coloration must b(i considered. 

THE ANIONS 

The anions or negative ions present in salts and acids were 
formerly referred to as the acids. Their (dassification is based on 
their behavior towards two reagents, viz., (1) BaCb or a mixture 
of BaCb and CaCb, and (2) AgNOa in nitric acid solution. Three 
groups are thus distinguished. 

Group I or the Sulphate Group includes those anions which may 
be precipitated by BaCb or a mixture of BaCU and CaCb in 
neutral or ammoniacal solution. They are: sulphate-ion, S04“"; 
carbonate-ion, COa""; sulphite-ion, SOa^; chromate-ion, Cr04“^; 
phosphate-ion, P04"^; arsenite-ion, As02“; arsenate-ion, As04'^; 
borate-ion, B 02 “; fluoride-ion, F- and oxalate-ion, C2O4”. 

Group II or the Chloride Group includes those anions which 
may be precipitated by AgNOs in nitric acid solution. They are: 
chloride-ion. Cl”; bromide-ion, Br“; iodide-ion, I“; sulphide-ion, 
S*; and thiocyanate-ion, CNS“. 

Group in or the Nitrate Group includes those anions which are 
not precipitated by BaCb, CaCb or AgNOs. They are: nitrate-ion, 
NOa"; nitrite-ion, N 02 ~; chlorate-ion, CIOs"; and acetate-ion, 
C2H3O2". 
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THE ANIONS OF GROUP 1. THE SULPHATE GROUP 

CARBONATE, SULPHATE, SULPHITE, PHOSPHATE, 
OXALATE, BORATE, FLUORIDE, AND CHROMATE 

Reactions of the Carbonate Ion 

1. Dilute Mineral Acids decompose carbonates with effer¬ 
vescence, due to the evolution of CO2; the latter may be recognized 
by its property of rendering a solution of Ba(OH)2 turbid: 

CaCOs + 2 H+ 4 =± Ca++ + H2CO3 ^ H2O + CO2 
CO2 + Ba++ + 2 OH- ^ BaCOs + H2O 

This constitutes the chief reaction for carbonates from an analytical 
standpoint. Certain natural carbonates such as siderite, dolomite 
and magnesite do not effervesce on treatment with acid unless 
they are finely powdered. To promote the reaction it is well to 
heat the acid. The action of the acid depends finally upon the 
formation of undissociated H2CO8 and the repression of the ioniza¬ 
tion of the latter by the excess acid. Any acid whose ionization 
constant is greater than that of carbonic acid will cause the forma¬ 
tion of H2CO3. Hence hydrocyanic acid, hydrogen sulphide and 
boric acid do not decompose carbonates. 

The equilibria involved may be formulated in detail as follows: 

( 1 ) 

CaCOs + Ca^+ -f H.O + HCO3- 

• 

To dissolve CaCOs, the Ccor of the solution must be kept continuously 
so low that the solubility product constant for CaCOa is never reached. 
This is accomplished by the high concentration of HaO"*" supplied by the 
relatively stronger acid. As shown above, the action takes place in three 
successive steps. ( 1 ) The formation of HCO3— . Since HCO3” ionizes very 
little {K 2 = 7 X 10“^^), the concentration of CO 3 ” which can exist in 
equilibrium with H 3 O+ is very small. In the present, case, the Ch,o+ is 
very large (because HCl is a strong acid); as a consequence the Cco,- re¬ 
maining in equilibrium with will be exceedingly small and very much 
smaller than that supplied by a saturated aqueous solution of CaCOa. 
Hence some un-ionized HCOs" will form. ( 2 ) -But HCOa- cannot exist in 
any considerable concentration in contact with HaO"'" because H2CO3 is a 
weak acid and its ionization constant is a very small number {Ki = 5.7 


( 2 ) 

^ H2CO3 
-f 
H2O 


(3) 

■ H2O 4 “ CO2 

(dissolved) 

Ti 

COj 

(gas) 
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X lO”^). In the presence of a high concentration of such as is 

supplied by HCl, the Chco,- is considerably reduced, so that nearly all 
that is formed in step 1 combines with HsO"^ to form un-ionized HaCOj 
and H2O. ( 3 ) H2CO8 is a very unstable acid and at ordinary temperatures 
can exist only in very small concentration. Hence excessive amounts of 
H2CO3 formed in step 2 immediately break down into H2O and CO 2. The 
latter quickly saturates the solution, after which the excess escai 3 es as a 
gas. The higher the temperature of the acid, the smaller will be the quan¬ 
tity of CO2 required to saturate the solution. It is for this reason that the 
above successive reactions are promoted by heating the acid. 

2. Barium or Calcium Chloride gives with solutions of normal 
carbonates a white precipitate of BaCOa or CaCOs. The precipi¬ 
tate is soluble in strong acids as well as in carbonic acid. 

CaCOs + H2CO3 ^ Ca++ + 2 HCO3- 

On boiling the solution, the reaction is reversed, with the precipi¬ 
tation of CaCOs and the evolution of CX)2. 

Reaction of the Sulphate Ion 

1. Barium Chloride gives with solutions of SO4 ions a white 
precipitate of BaS04 insoluble in water and dilute acids, even on 
boiling. From dilute solutions a precipitate separates only on 
standing. The solution to be tested for S04“ should first be 
rendered acid before adding the reagent, to prevent the precipi¬ 
tation of acids whose barium salts arc insoluble in alkaline solution, 
such as COs”, SO3”", P04"^. An excess of HCl must also be present 
to prevent the precipitation of large amounts of €204“" and Cr04“ 
as barium salts. Concentrated acids must not be used, otherwise a 
crystalline precipitation of BaCL or Ba(N03)2 may form. The 
latter, however, need never be mistaken for BaS04 since they dis¬ 
solve readily when the mixture is diluted with water. Concerning 
other properties of BaS 04 , see reaction 4 under Barium. 

Reactions of the Sulphite Ion 

1. Dilute Sulphuric Acid (or HCl) when added to a sulphite 
decomposes it with the evolution of SO2: 

S08““+H80+^HS03-+H30+^H2S03?=±H20+S02 (dissolved) 

+ + Ti 

H2O H2O SO2 (gas) 

2. Barium Chloride yields with a neutral solution of sulphite ion 
a white precipitate of barium sulphite, readily soluble in HCl or 



188 


ANIONS OF GROUP 1 


HNO 3 . Generally, a residue of BaS 04 remains, showing that the 
sulphite contained some sulphate. From the size of this residue 
an estimate may be formed of the purity of the sulphite. 

3. Potassium Permanganate in dilute sulphuric acid solution is 
also decolorized by sulphurous acid; the oxidation product being 
dithionic acid, H 2 S 2 O 6 , or sulphuric acid, depending upon the con¬ 
centration and temperature of the solution. 

5 X H 2 SO 3 + PI 2 O ^ HSOr + 3 H+ + 2 c 

2 X ]V'Tn04~ 8 -b e jVTiU"^ -j- 4 H2() 

5 H 2 SO 3 + 2 Mn 04 - + H+ ^ 5 11804“ + 2 Mn++ + 3 H 2 O 

4. Hydrogen Sulphide. When sulphurous acid or a solution of a 
sulphite acidified with HCl is treated with HoS, a precipitate of 
sulphur forms, due to the oxidation of the reagent by the sulphurous 
acid. 

2 X H 2 S ^ S + 2 H+ + 2 c 

H 2 SO 3 4- 4 H+ + 4 c ^ S + 3 H 2 O 
2 H2S + ftSOs 3 S + 3 H2O 

6. Fuchsin Solution* is bleached by 80;“ in neutral or dilute 
Na 2 C 03 solutions. The test may be carried out on a spot plate 
as follows: To one drop of sulphite test-solution add 1 drop of 

3 N Na 2 C 03 and 1 drop of fuchsin solution. Note that the solution 
is bleached. The test will detect easily 0.05 mg. 803 “. This test is 
interfered with by the presence of sulphides and polysulphides as 
well as free alkafi and ammonia. 

Reactions of the Orthophosphate Ion 

Three phosphoric acids are known, viz., orthophosphoric acid, 
H 3 PO 4 ; metaphosphoric acid, HP() 3 ; and pyrophosphoric acid, 
H 4 P 2 O 7 . The most important of these is the ortho-acid. 

1. Barium Chloride. 8ee reaction 7 under Barium. 

2. Ammonium Molybdate Reagent. When a nitric acid solu¬ 
tion of an orthophosphate is treated with an excess of ammonium 
molybdate reagent and the mixture is heated, a yellow precipitate 
of ammonium phosphomolybdate forms. The composition of the 
precipitate varies with the conditions. It is usually assigned the 
formula (NH4)3P04(Mo03)i2. 

H 2 PO 4 - + 12 Mo()4“ + 3 NH4-^^ + 22 Ht ^ 

(NH4)3P64(M003)i2 + 12 H 2 O 

* E. Votocek, Ber. dtsch. chem. Gea. (1907), 40, 414. Chem. Ahat. (1907), 1104. 



PHOSPHATE 


189 


Precipitation may be hastened by adding an excess of NH4NO3. To 
secure complete precipitation, a large excess of the reagent must be added, 
since the precipitate is soluble in an excess of phosphoric acid or of alkali 
acid phosphate. The precipitate is also soluble in caustic alkali as well as 
in ammonia. 

(NH 4 ) 3 P 04 (Mo 03 )i 2 -f 23 OH- 

3 NH4+ + HPO4- -f 12 M0O4” 4 - 11 H2O 

Large quantities of PICl interfere with this test. The latter may be re- 
mov^ed by adding an excess of concentrated nitric acid and evaporating 
tlie solution to a small volume. The diluted solution may then be tested 
with the reagent. Nickel salts in high concentration interfere by yielding 
a precipitate with the reagent. Reductants such as tartaric acid, suli)hites 
and sulphides also have a disturbing influence upon the reaction and should 
be destroyed before making the test. Pei*rocyanide also interferes with this 
test. Arsenic acid yields a similar compound with this reagent; although 
the precipitate forms more slowly and recpiires a higlier teinpeiatiire for its 
com]3lete precipitation. These slight dilTcrences, however, cannot be 
utilized for purposes of identification or separation. This reaction affords 
a means of quantitatively separating phosphate ion from the metals with 
Inch it may be combined. 

3. Magnesia Mixture (a solution containing MgCU, NH4CI and 
NH3 in slight excess) yields, with solutions of orthophosphates, a 
white crystalline precipitate of ammonium magnesium phosphate, 
NH4MgP04(H20)6. 

HP04“= + Mg++ + NH 3 NH4MgP04 

The precipitate is soluble in acids, including acetic acid; from 
solutions of the latter, ammonia reprecipitates the double phos¬ 
phate (method of purification and separation from AiP 04 which 
does not dissolve in acetic acid). When ignited, it yields magne¬ 
sium pyrophosphate, Mg 2 P 207 . For further details concerning the 
pn^cipitate, see reaction 4 under Magnesium, 

Arsenates yield a similar precipitate but the latter may be readily 
identified by converting it into reddish-brown silver arsenate, 
Ag 3 As 04 . This is done by treating the precipitate with silver nitrate 
solution containing a little acetic acid. 

NH4MgAs04 + 3 Ag+ ?=± Ag3As04 + Mg++ + NH 4 + 

4. Silver Nitrate yields from netural solutions a yellow precipi¬ 
tate of silver phosphate. 

2 HPO 4 " + 3 Ag+ ^ Ag3P04 + H 2 PO 4 - 
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The precipitate is soluble in nitric acid and ammonia. From 
sodium carbonate solutions containing phosphate, Ag3P04 may 
also be precipitated together with some Ag2C03. 

6. Zirconyl Chloride, when added to a solution of a phosphate 
containing HCl or H2SO4 not exceeding 0.3 N in concentration, 
gives a gelatinous white precipitate of Zr(HP04)2** This reaction 
offers a simple and effective means of removing phosphates from 
the filtrate from Group 2.t 

Zr++++ + 2 HP04- + H 2 O ^ Zr(HP04)2(H20) 
or ZrO++ + 2 H2PO4- Zr 0 (H 2 P 04)2 

6. Ferric Chloride gives, with solutions of phosphate not too 
strongly acid, a buff-colored precipitate of FeP04. 

HPO4” + Fe+++ FeP04 + H+ 

The. precipitation is not complete, owing to the solvent action 
of H+ which partly reverses the reaction. If the concentration 
of the H+ is considerably lowered by the addition of ammonium 
acetate, the reaction may be made to go to completion. 

C2H3O2- + H+ ^ HC2H3O2 

The two reactions may be combined in a single equation. This 
reaction is often utilized to remove phosphate from solutions which 
are to be systematically tested for the alkaline earth metals and 
magnesium. 

If the solution is diluted largely and boiled, not only will all the phos¬ 
phate be precipitated but the excess of Fe‘^++ will also be thrown down 
as ferric hydroxide. 

Fe(H20)6++-^ -f 3 C 2 H 3 O 2 - Fe(0H)3(H20)3 + 3 HC 2 H 3 O 2 

If the mixture is now centrifuged a separation of all the phosphate 
together with the excess of iron will be effected. The precipitate will also 
contain any A1 and Cr that may be present in the solution. The precipitate 
must, therefore, be tested for these metals. 

* According to Hevesy and Kimnra, J. A. C. S., 47 (1925) 2542, the precipitate 
has the formxila Zr(HP 04 ) 2 (H 20 ) or Zr0(H2P04)2. 

t Method of Curtman, Plechner and Marlies, Chem. News, 1S9 (1924), 315. 
See also Curtman and Greenslade, Jour. Chem. Ed., 13 (1936), 238. 
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Reactions of the Arsenite Ion 

1. Barium Chloride produces in an arsenite solution, which is 
not too dilute, a white precipitate of barium arsenite readily sol¬ 
uble in dilute acids. 

2 As 02~’ + Ba++ ^ Ba(As02)2 

2. Silver Nitrate. See reaction 2 , p. 144 . 

3. Magnesia Mixture. See reaction 3 , p. 145 . 

Reactions of the Arsenate Ion 

1. Barium Chloride produces in an arsenate solution which is not 
too dilute, a white precipitate of Ba3(As04)2, soluble in dilute acids. 

2. Silver Nitrate. See reaction 2 , p. 146 . 

3. Magnesia Mixture. See reaction 3 , p. 146 . 

4. Ammonium Molybdate, ^e reaction 4, p. 146. 

Reactions of the Borate Ion 

Boron forms three acids, namely, orthoboric acid (H3BO3), 
metaboric acid (HBO2) and tetraboric or pyroboric acid (H2B4O7); 
the last two are derived from the first by careful heating. 

1. Barium Chloride gives with solutions which are not too dilute 
a white precipitate of barium metaborate, Ba(B02)2(H20)2. 

B407** 3 H2O 4=^ 2 B 02 ~ ~t~ 2 H3BO3 

Ba++ + 2 BO2" Ba(B02)2 
B407“ + Ba++ + 3 H2O ^ Ba(B02)2 + 2 H3BO3 

The precipitate is soluble in an excess of the reagent, in dilute 
acids and in solutions of ammonium salts. 

2. Flame Tests. Boric acid (H3BO3) and some of its volatile 
compounds such as the fluoride (BF3) and the esters, ethyl borate 
(C2H6)3B03 and methyl borate (CH3)3B03, when introduced into 
the Bunsen flame, impart to it a characteristic green color. Con¬ 
centrated sulphuric acid decomposes borates with the separation 
of boric acid. A test depending upon this and the previous reac¬ 
tions may be carried out as follows: 

In a small watch-glass mix some of the powdered substance with a few 
drops of concentrated sulphuric acid and introduce some of the mixture 
into the Bunsen flame. If a borate is present, the flame will be colored 
green. This test is satisfactory for most borates. In order to test for boron 
in silicates which are not decomposed by concentrated sulphuric acid, a 
little Car 2 is mixed with the mineral before adding the acid. If boron is 
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present, it forms under these conditions boron fluoride, BF3, which colors 
the flame green. 

Boron fluoride is so volatile that if some of the paste on the end of a 
glass rod is brought very close to the edge of the flame without touching it, 
a green color will gradually appear. By conducting the test in this manner, 
the interference of Ba and Cu compounds is oven^ome, since the latter do 
not form volatile compounds under these conditions. 

Na2B407 + H 2 SO 4 ^ + 2 B 2 O 3 -f H 2 O 

(^aF.> + II 2 SO 4 CaS04 + 2 HF 
B 2 O 3 + 6 HF ^ 2 BF 3 + 3 H 2 O 

3. Turmeric. A borate solution becomes red when treated with 
cone. HCl, alcohol, and turmeric. This is a very sensitive test but 
the result must be compared with a control. The test is carried out 
as follows: In a 4 ml. test-tube mix 3 drops of the borate test-solu¬ 
tion, 8 drops of cone. HCl, 8 drop|,of denatured alcohol and 1 drop 
of turmeric solution. Compare the result with a control using 3 
drops of water instead of the borate solution. 

Oxidants such as chromate, ferricyanide, nitrite and chlorate vitiate 
the test due to their bleaching action on the turmeric. In addition, the 
test cannot be applied to highly colored solutions. To detect borate, under 
either condition, the flame test may be employed; or the borate may be 
separated from all the interferences by distillation as the methyl ester.* 

Reactions of the Fluoride Ion 

1. The Alizarin-Zirconium Spot Test. When solutions of 
alizarin and zirconium are rnixe^d, a violet colored precipitate 
called a lake is formed. If to tliis mixture some fluoride is added, 
the violet color changes to the greenish yellow color of the alizarin. 
In this reaction ZrFe"" forms a more stable complex than the lake. 
We may represent this change by the following equation. 

ZrAliz. (lake) -f- 6 F” ZrFe^ + Alizarin 

Oxalate and phosphate interfere with this reaction. 

2. The Water Bead Test. This test is based upon three succes¬ 
sive reactions which take place when a fluoride, mixed with silica 
or silicate, is heated with concentrated H2SO4 and the evolved 
gas (SiF 4 ) is allowed to come in contact with a suspended drop of 
water. The reactions are: 

(1) The action of cone. H2SO4 liberates the more volatile acid, HF. 
CaF 2 + H2SO4 CaS 04 + 2 HF 

* For procedure see Curtman’s QualUative Analysis, p. 327. 
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(2) The HF attacks the silica or silicate forming the gas SiF 4 
which being insoluble in hot cone. H 2 SO 4 , is given off. 

4HF + Si02?::^SiF4 + H20 

(3) Coming in contact with the drop of water, silicon tetra- 
fluoride is decomposed with the formation of a white gelatinous 
precipitate of orthosilicic acid, H 4 Si 04 and fluosilicate ion SiFe"". 

3 SiF4 4- 4 H 2 O H4Si04 + 4 H+ + 2 SiYr 
For procedure for carrying out the test see p. 318. 

3. The Etching Test. This test is based on the property of HF 
to dissolve Si02 or glass. Carefully heat a watch-glass of size 
sufficient to cover completely a small lead or platinum crucible 
and while hot, rub the convex side with a small piece of paraffine 
until tiie surface of the glass is completely coated; allow to cool. 
By means of a pointed object (a pointed tooth-pick) scratch 
through the paraffine some characters, preferably in the center of 
the watch-glass. Thoroughly clean and dry the lead or platinum 
crucible and introduce into it 25 mg. of the finely powdered sub¬ 
stance to be tested. By means of a dropper or pipette, allow 2 
drops of cone. H2SO4 to fall on the substance in the crucible and 
immediately cover the crucible with the watch-glass, its convex 
side down. Put a little c.old water in the upper conclave side of the 
watch-glass to prevent the paraffine from melting during the 
heating. In a small evaporating dish, or casserole, heat some water 
to boiling. Remove from the flame. Place the crucible in the 
l)oiling water, and allow it to stand for 20 minutes.* With the aid 
of hot water remove the paraffine from the watch-glass and exam¬ 
ine it for etched characters. The equations for the reactions are; 

CaFs + H 2 SO 4 CaS 04 + 2 HF 
Si02 + 4 HF ?=± SiF4 + 2 H 2 O 

Silicates, chlorates and borates interfere with this test. If any of these 
are present use test 1 or 2. For a method of overcoming these interferences, 
see Curtman’s Qiuilitativc Analysis, j). 338. 

4. Modification of Etching Test, t Concentrated H 2 SO 4 does not 
drain evenly from glass that has been etched. This is the basis for a 

♦ Certain fluorides like AIF3 do not give the etching test unless the temperature 
of the sulphuric acid is raised considerably above 100°. Mixtures containing such 
fluorides should therefore be treated with cone. H2SO4 in a platinum crucible and 
the latter cautiously heated nearly to the fuming point of the acid. 

t S. K. Hagen, Mikrochemie, 15; (1934) 313. 
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simple and delicate test for fluoride. A small amount of chromic 
acid cleaning mixture prepared by dissolving some K 2 Cr 04 in 
cone. H2SO4 is heated in a test-tube and stirred with a glass rod to 
remove any grease which would also cause uneven draining of the 
acid. When the rod is thoroughly clean as shown by complete 
drainage, a little fluoride is added and the mixture stirred and 
heated again. Now on removing the rod droplets of acid will be 
found adhering to it showing the presence of fluoride. 

Reactions of the Oxalate Ion 

1. Barium Chloride. See reaction 6 under Barium, p. 176. 

2. Calcium Chloride. See reaction 6 under Calcium, p. 178. 

3. Potassium Permanganate Solution (0.02 M) is bleached when 
added to a hot oxalate solutionHicid with dilute sulphuric acid, 
due to the oxidation of C 2 O 4 "" to CO 2 . 

5 X C2O4 ^:^2C02 + 2e 

2 X Mn 04 - + 8 H+ + 5 c Mn++ + 4 HoO 

5 C 204 “ + 2 Mn 04 “ + 16 H+ 2 Mn++ + 10 CO 2 + 8 H 2 O 

4. Manganese Dioxide. If to a hot oxalate solution, acid with dilute 
sulphuric acid, a little Mn02 (free from carbonate) is added, CO 2 will be 
evolved due to the oxidation of the C 2 O 4 ’". 

0204 "“ 4^ 2 OO 2 * 4 " 2 c 
Mn 02 -I-4IU-f 2c ^ 2 H 20 + Mn^-^ * 

0204 ” “b M 11 O 2 “I" 4 2 CO 2 4 “ 2 H 2 O 4 “ Mn'^'*’ 

Tartrate also gives this reaction. 

6 . Destruction of Oxalates in Systematic Analysis. In the 

systematic analysis for the metals, the presence of oxalate would 
cause the precipitation of the alkaline earth metals in Group 3. 
Hence oxalates must be destroyed. This is accomplished by add¬ 
ing a mixture of concentrated sulphuric and nitric acids and 
evaporating the mixture until SO 3 fumes are given off. If much ox¬ 
alate is present, the solution after cooling is treated with more cone. 
HNO3 and the mixture is again evaporated to SO3 fumes. Any tar¬ 
trate or involatile organic matter will be destroyed at the same time. 

Reactions of the Chromate Ion 

1. Barium Chloride. See reaction 5 under Barium, p. 175. 

2. Hydrogen Peroxide. If to about 1 ml. of hydrogen peroxide 
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(3%), acidified with dilute H 2 SO 4 , a few drops of a dilute chromate 
solution are added, the mixture acquires a blue color due to the 
formation of perchromic acid, H3Cr08(H20)2. 

CT20r + 13 H 2 O ^ 2 H8Cr08(H20)2 + 12 H+ + 14 e 
7 X H 2 O 2 + 2 PD + 2 c 2 H 2 O 

CrsOT- + 7 H 2 O 2 + 2 H+ 2 H3Cr08(H20)2 + H 2 O 

Perchromic acid is very unstable and rapidly decomposes when 
heated to yield a green solution due to the formation of Cr+'‘"'*‘ 

2 H3Cr08(H20)2 + 6 H+ 2 Cr+++ + 10 H 2 O + 5 O 2 

hence the solution to be tested should be thoroughly cooled. It is 
also important that the acid concentration be kept low. 

3. Silver Nitrate precipitates from neutral solutions brownish- 
red silver chromate. 

Cr04'” + 2 Ag+ Ag2Cr04 

The precipitate is readily soluble in nitric acid and ammonia. 
From moderately concentrated solutions of dichromate ions, red¬ 
dish-brown crystals of Ag 2 Cr 207 are formed. 

Cr207'“ + 2 Ag+ ^ Ag2Cr207 

4. Reduction of Chromates. Reductants such as sulphite, 
nitrite, iodide and sulphide reduce chromate ion to Cr"^"*" in acid 
solution. The reaction in each case is accompanied by a change 
in color from orange to green or purple. The partial equation for 
the reduction is 

Cr 207 - + 14 H+ + 6 c ^ 2 Cr+++ + 7 H 2 O 

THE ANIONS OF GROUP U. THE CHLORIDE GROUP 

CHLORIDE, BROMIDE, IODIDE, SULPHIDE 
AND THIOCYANATE 

Reaction of the Chloride Ion 

Silver Nitrate gives with nitric acid solutions containing 
Cl~ a white precipitate of AgCl soluble in ammonia, potassium 
cyanide and sodium thiosulphate solutions. For the equations 
see reaction 1 under Silver, 
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To detect chloride in AgCl, treat it with 10 dropw of dil. H 2 SO 4 and 
60 mg. of granular zinc (20 mesh) and allow the action to proceed with fre¬ 
quent stirring for 10-15 minutes. If the mixture is centrifuged, the solu¬ 
tion will contain all the chloride ion. 

2 AgCl + Zn ^ Zn^+ + 2 CP + 2 Ag . 

In testing FeS ()4 for chloride, it is well to have the solution strongly 
acid with HNO 3 because of the reducing effect of on Ag’^; or the 
FeS 04 may be first transposed by boiling with Na 2 C 03 solution; the 
centrifugate, after acidifying with IINOa, may be tested for Cl“ with 
AgNOa. 

Fe++ + Ag+ ^ Fe++-' + Ag 

Reactions of the Bromide Ion 

1. Silver Nitrate yields a yellowish-white precipitate of silver 
bromide which turns gray on exposure to light. It is insoluble in 
dilute nitric acid but dissolves easily in potassium cyanide and 
sodium thiosulphate solutions. Ammonia also dissolves AgBr, 
though less readily than it does AgCl. Silver bromide may be 
strongly heated without undergoing decomposition. In this respect 
it, rcvsembles silver chloride and silver iodide but differs from AgCN, 
Ag 4 Fe(CN) 6 , AgiFe(CN)6, and AgCNS which decomi)Ose when 
ignit,(‘d. AgBr like AgCl and Agl may be decomposed by fusion 
with Na 2 C 03 or by treatment with Zn and dilute H2SO4. 

Experiments * show that AgBr may be transposed to tlie extent of 
20% by boiling with a molar solution of NaCl (distinction from Agl). 
By means of this reaction, the presence of Br“ may be detected in a mix¬ 
ture of Agl and AgBr. Silver thiocyanate is also transposed.! The pres¬ 
ence of CNS" in the filtrate interferes with the detection of Br“ but may 
be remov^ed by means of CUSO 4 and 1 I 2 S 03 .! The Br~ in a mixture of 
AgBr and AgCNS may be detected by strongly heating the mixture 
whereby the AgCNS alone is decomposed. The residue of Ag and AgBr is 
then treated with Zn and dil. II 2 SO 4 . 

2. Nitric Acid when hot and moderately concentrated oxidizes 
bromide to bromine in all bromides except AgBr. 

3 X 2 Br“ ^ Br 2 + 2e 

2 X NO 3 - + 4H+ + 3c;=±NO + 2 HaO 

6 Br- + 2 NO3” + 8 H+ 3 Br 2 + 2 NO + 4 H 2 O 

* Curtman and Leikind, Chem, News, I40 (1930), 337. 

1 II. R. Curtman and W. Priraak, Analytical Edition, Indust, and Eng. Chem., 10 
(1938), 323. 

t Curtman and Wikoff, J. A. C. 5., 37, 298. 
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The procedure * based on this reaction is described on p. 297 
under Special Tests 2. 

Notes. ( 1 ) The reaction mixture should not be shaken in a test-tube 
closed with the thumb or a cork because of the corrosi\ e action of the 
acid. Iodides respond readily to the same test. Experiment also showed 
that under the conditions of the test, moderate amounts of CNS~ j^ive a 
faint yellow color to the CCb layer. Hence iodides and thiocyanates must 
be removed before applying this test. 

( 2 ) Nitric acid is sui)erior to permanganate as an oxidant of Ur“ be¬ 
cause the latter imparts a color to the aqueous layer and yields brown 
Mn 02 . Some of the latter enters the carbon tetrachloride layer when the 
reaction mixture is shaken and thus confuses the test })articularly when 
small amounts of Br“ are to be detected. 

Reactions of the Iodide Ion 

1. Silver Nitrate yields a yellow amorphous precif)itate of Agl, 
insoluble in nitric acid and in ammonia but readily soluble in 
potassium cyanide and sodium thiosulphate solutions. Like AgCl 
and AgBr, silver iodide may be strongly heated without under¬ 
going any appreciabhi d( 3 eomposition. It may be decomposed by 
fusion with Na 2 C 03 or by treatment with Zn and H 2 SO 4 . It is 
not transposed by boiling with M NaCl solution (distinction from 
AgBr and AgCNS). 

2. Hydrogen Peroxide also oxidizes a dilute sulphuric acid solu¬ 
tion of iodide ion to iodine (distinedion from bromide unless the 
latter is moderately concentrated). 

H 2 O 2 + 2 + 2 6 2 H 2 O 

2 I~ ^ I 2 2 c 

H 2 O 2 + 2 I + 2 I 2 + 2 H 2 O 

3. Potassium Nitrite in dilute sulphuric acid solution oxidizes 
iodide ion to iodine (distinction from chloride and bromide). 

2 X NO 2 - + 2 + 1 e NO + H 2 O 

2l~^U + 2e 

2 NO 2 - + 4 H+ + 2 1“ ^ I2 + 2 NO + 2 H 2 O 

Since all the 1 2 can be expelled by boiling the solution, this reaction is 
generally used to remove all the I 2 before testing for Br~ or Cl~. The 
liberated iodine may be recognized by coloring carbon tetrachloride red¬ 
dish-violet or starch paste blue. The reaction is exceedingly delicate. To 
get a fine blue color with starch paste, the iodine solution should be very 
dilute. If the solution is at all concentrated, a nearly black precipitate 

♦ Curtman and Schneiderman, Rec. de trav., 54 ( 1935 ), 158 . 
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forms. Potassium nitrite is preferable to chlorine water as an oxidant for 
iodide ion, since an excess of the reagent does not oxidize the iodine to 
iodic acid. 


Reactions of the Sulphide Ion 

1. Hydrochloric Acid. Nearly all sulphides when treated with 
moderately strong HCl (1:1) are decomposed with the evolution 
of H 2 S; the latter is easily recognized by its characteristic odor 
and by its property of blackening a piece of lead acetate paper. 

ZnS + H3O+ ^ Zn++ + H2O + HS- \ ^ o , XT n 

+ HsO+J ^ 

The sulphides which are either not attacked or only slightly attacked 
are: HgS, Bi 2 S 3 , CuS, CoS, NiS, Sb 2 S 8 (black), AS 2 S 3 and SnS 2 (mosaic 
gold). With these sulphides a mixture of zinc and HCl will cause the 
liberation of 1128 . However, certain sulphur compounds such as sulphites 
and thiocyanates also yield H 2 S under these conditions. If these are pres¬ 
ent, they can be removed by repeated treatment with dilute HCl in which 
they dissolve. The reason H 2 S is not evolved from HgS on treatment with 
acid is the small solubility of HgS in consequence of which it yields to the 
solution too low a concentration of S"* (see p. 95). The CHg++, however, 
in the presence of the acid is sufficiently high to be reduced by Zn accord¬ 
ing to the Allowing equation. 

Hg++ + Zn Hg -f Zn++ 

The removal of Hg"^"^ causes more HgS to dissolve and again the Hg'^'^ 
is reduced to Hg. As this action goes on the fV increases and finally reaches 
a value when it can combine with H"^ to form successively HS“ and H 2 S. 

2. Silver Nitrate gives a black precipitate of Ag 2 S, insoluble in 
cold but soluble in hot dilute nitric acid. It is insoluble in ammo¬ 
nia, alkali sulphide and in dilute potassium cyanide solutions. 

3. Cobalt Nitrate, nickel nitrate or zinc nitrate when added to a 
soluble sulphide causes the precipitation of all the sulphide either 
as CoS, NiS or ZnS. 

4. Lead Nitrate, see reaction 4 under Lead, p. 134. 

Reactions of the Thiocyanate Ion 

1. Silver Nitrate gives a white curdy precipitate of silver thio¬ 
cyanate, AgCNS, insoluble in dilute nitric acid but soluble in 
ammonia. Silver thiocyanate may be transposed by /boiling with 
M NaCl (distinction and method of separation fromxAgI).* On 

* Curtman and Harris, J. A. C. S., S8, 2622. H. R. Curtman and Primak, Induat, 
and Eng. Chem. Analytical Edition, JO (1938), 323. 
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ignition, it decomposes (distinction and method of separation from 
the silver halides). It also breaks up when fused with sodium 
carbonate. 

2 . Ferric Salts when added to a thiocyanate solution produce 
a deep red coloration due to the formation of ferric thiocyanate 
complex ion (see reaction 7 under Ferric iron). 


THE ANIONS OF GROUP III. THE NITRATE GROUP 

NITRATE, NITRITE, CHLORATE AND ACETATE 
Reactions of the Nitrate Ion 

1. A Saturated Solution of MnCb in Cone. HCl becomes dark 
brown or black when heated with a nitrate solution due to the 
formation of [MnCb]”. This test is given by all oxidants. 

3 X MnClr + 2Cl-^ MnCb^ + 2 e 

2 X NO3- + 4 H+ + 3 e ^ NO + 2 H2O 

3 MnClr + 2 NO3" + 6 Cl~ + 8 H+ ^ 3 MnCle"- + 2 NO 

+ 4 H 2 O 

2. Bright Copper Turnings * and Sulphuric Acid (1:1), when 
added to a solid nitrate and the mixture heated to boiling, cause 
the evolution of brown NO 2 . At the same time the solution ac¬ 
quires a blue color due to the oxidation of the Cu to Cu'^'^. This 
test is also applicable to a solution of a nitrate, only in this case an 
equal volume of concentrated sulphuric acid is added so as to 
give the resulting solution the 1:1 ratio of sulphuric acid. 

Cu ^ Cu^^- + 2 e 
2 X NOa” -j- 2 H"^ -f" 1 c NO 2 H 2 O 

2 NO 3 - + Cu + 4 ^ Cu++ + 2 N02"+ 2 H 2 O 

3. Ferrous Sulphate reduces the nitrate ion to NO in solutions 
containing a high concentration of sulphuric acid. The excess 
Fe"^"^ then combines with the NO to form the unstable brownish- 
black complex ion Fe(NO)+'‘". 

* For this test the copper turnings must be free from superficial oxide which 
would vitiate the test. The turnings before use are therefore boiled for 1 minute 
with 9 M H 2 SO 4 . After pouring off the acid, they should be washed three times 
with cold distilled water. 
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3 X Fe++ Fe+-^ + 1 € 

NO 3 - + 4 H+ + 3 e NO + 2 H 2 O 
3 Fe++ + NO 3 - + 4 H+ ^ 3 Fo+++ + NO + 2 H 2 O 
Fe++ + NO Fo(NO)++ 

The brown ring test for nitrate is basc'd upon th[> above reactions 
(see p. 329). The colored zone may be extended by slightly agi¬ 
tating the liquid. Chlorate, nitrite, chromate, iodide, bromide, 
ferro- and ferri-eyanide interb^re with this test. Nitrite also gives 
the same reaction; in this case dilute sulphuric or acetic acid 
should be used instead of cone. H 2 SO 4 . The solution is thoroughly 
cooled before adding the ferrous sulphate because Fe(NO)'^'^ is 
destroyed by warming. 

4 . Aluminum Turnings or Granulated Zinc reduces nitrates to 
ammonia in solutions strongly alkaline with sodium hydroxide. 

4 X Zn + 4 OH- Zn(OH)r + 2 e 

NO 3 - + 6 H 2 O + 8 e ^ NH 3 + 9 OH- 
4 Zn + NO 3 - + 7 OH- + 6 H 2 O ^ 4 Zn(OH)r + NH 3 

8 X A1 + 4 OH- A1(0H)4- + 3 e 

3 X NO 3 - + 6 H 2 O + Se:^ NH 3 + 9 OH” 

8 A1 + 3 N() 3 - + 5 OH ■ + 18 II 2 O 8 Al(OH)4- + 3 NH 3 

The same reaction is given by the nitrite ion but the latter may be re¬ 
moved by NH 4 CI or (N 114)2804 (see reaction 5). Thin test may he employed 
to detect nitrate in mixtures containing chlorate. It is obvious that ammonium 
salts must be removed before applying this test. This may be accomplished 
by rendering the original solution strongly alkaline with NaOH and evap¬ 
orating to dryness. To insure the complete removal of Nils, the residue 
.sliould be dissolved in 1 ml. of water and the resulting solution again 
evaporated to dryness. Thiocyanate also yields NH3 when treated with 
aluminum in NaOH solution. If this anion is present, it should be removed 
with Ag 2 S 04 (see p. 330). 

Reactions of the Nitrite Ion 

1 . Dilute Sulphuric Acid decomposes all nitrites even in the cold 
with the evolution of brown fumes of NO2 (distinction from nitrates), 

NO2- + H+ ;=± HNO2 ( 1 ) 

3 HNO2 H+ + NO3- + 2 NO + H2O (see above) ( 2 ) 
2 NO + O2 (air) ^ 2 NO2 (brown) ' ( 3 ) 

Nitrites may also be decomposed by heating with acetic acid. If 
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the sulphuric acid is concentrated, the reaction is the same but it 
takes place with considerable violence. 

2. Potassium Iodide. When a mixture of nitrite and iodide is 
acidified with acetic acid or dilute sulphuric acid, the nitrite is 
reduced to NO and the iodide ion is oxidized to iodine. The latter 
may be recognized by extraction with carbon tetrachloride or by 
treatment with starch paste. 

I- :p:± ^ I 2 -H j e 

NO2- + 2 H+ + 1 e NO + H2O 

NO2- + I- + 2 H+ ^2 + NO 4 - H2O 

3. Ferrous Salts in acetic acid solution redu(‘e nitrite to nitric 
oxide; the latter combines with the excess Fe+"^ present to form the 
unstable complex cation Fe(NO)+'^ which imparts a brown color 
to the solution. The partial equation for the reduction of NOs" is 

NO 2 - + 2 H+ + 1 6 ?:± NO + H 2 O 

4. Urea. When a nitrite solution is treated with urea and the 
mixture acidified with dilute HCl, nitrogen is evolved as a product 
of the oxidation of the urea and the reduction of the nitrite. 

C0(NH2)2 + H 2 O <z± CO 2 + N 2 + 6 + 6 e 

2 NO 2 - + 8 + 6 c N 2 + 4 H 2 () 

C 0 "(NH 2)2 + 2 NO 2 - + 2 H+ CO 2 + 2 N 2 + 3 H 26 

With thiourea CS(NH 2)2 we get N 2 , CNS~ and H 2 O. 

2 CS(NH2)2 4 =^ 2 CNS- + N 2 + 8 + 6 e 

2 N02~ + 8 H+ + 6 c ^ N 2 + 4 H 2 O 
2 CS(NH 2)2 + 2 N02“ ^ 2 CNS- + 2 N 2 + 4 H/f 

In this reaction not only are bubbles of nitrogen evolved but the CNS 
ion is also formed. The latter may be identified by adding a little FeCls 
to the solution. 

6. Ammonium Chloride when added to a solution of an alkali 
nitrite and the mixture boiled causes the evolution of nitrogen gas 
resulting from the reduction of the nitrite as well as from the oxida¬ 
tion of the ammonium ion. 

NO 2 - + 4 + 3 e ^ N + 2 H 2 O 

NH 4 + ?:± N + 4 + 3 c 

NO2” + NH4+ 4::^ N2 + 2 H2O 
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This reaction is of analytical importance in removing nitrites 
^vhen present in large amounts. The action of urea on nitrites is 
only qualitative, the experiments in this laboratory * showing that 
even when an excess was added, it failed to destroy all the nitrite 
even after the action was allowed to continue for several hours. 

6. Potassium Permanganate is bleached when added to an acid 
solution of a nitrite. In this reaction, the Mn04~ is reduced to 
Mn++ while the N02~ is oxidized to NOj-. 

2 X MnOi- + 8 H+ + 5 e Mn++ + 4 HjO 

5 X_ NOj- + H2Q ^ NO3- + 2 H+ + 2 e 

2 MnOr + 5 NO2- + 6 H+ 2 Mn++ + 5 NO3- + 3 H2O 

7. Alkali Chlorate is reduced in the cold by an acid solution of 
a nitrite. 

CIO3- + 6 H+ 4 - 6 c f:± Cl- + 3 H2O 
3 X NO2- + H2O NO3- + 2 H+ + 2 e 

CIO3- + 3 NO2- 3 NO3- + Cl- 

Reactions of the Chlorate Ion 

1. A Saturated Solution of MnCb in Cone. HCl becomes dark 
brown or black when heated with a solution of a chlorate due to 
the formation of MnCle”. 

2. Hydrochloric Acid added to a dry chlorate is oxidized to 
chlorine and chlorine dioxide. The acid becomes yellow due to 
the dissolved gases. The action probably takes place in two inde¬ 
pendent steps. 

CIO3- + 6 H+ -f- 5 e Cl + 3 H2O (a) 

5 X_ Cl- ^ Cl -H e 

CIO3- 4 - 5 Cl- 4 - 6 H+ 3 CI2 4 - 3 H2O 

2 X C103- 4 - 2 H+ 4 - 1 c CIO2 4 - H2O ( 6 ) 

2 Cl- ?:± CI2 4 - 2 e 

2 CIO3- 4 - 2 Cl- 4 - 4 H+ 4:^ 2 CIO2 4 - CI2 4 - 2 H2O 

3. Sulphurous Acid reduces chlorates to chlorides. 

CIO3- 4 - 6 H+ 4 - 6 e ?:± Cl- 4- 3 H2(> 

3 X H2SO3 4 -H20<=i3H+ 4 -HSOr 4-2e 

CIO3- 4 - 3 H2SO3 Cl- 4- 3 H+ 4- 3 HSOr 

If the solution is treated with AgN03 and concentrated HNO3 

* Curtman and Lebowiti, Chem. News, tS2, 294. 
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(the volume of the latter should be one-tenth of the solution) and 
then heated, a precipitate of AgCl is formed. The nitric acid is 
added to prevent Ag 2 S 04 from precipitating. 

4. Alkali Nitrite also reduces chlorate to chloriae. See reac¬ 
tion 7 under Nitrite, The resulting solution may then be treated 
with AgNOs to precipitate the chloride. It is important in making 
this test that the nitrite he free of chloride. If not, it should first be 
treated with a little AgNOg and the precipitated AgCl removed by 
centrifuging. 

Chlorate may also be reduced to chloride in dilute sulphuric acid 
solution by H2S, ammonium sulphide, ferrous sulphate, iron, zinc and 
finely divided aluminum. 

Reaction of the Acetate Ion 

1. Sulphuric Acid When 3 drops of an acetate solution 

are treated in a 5 ml. beaker with an equal volume of sulphuric 
acid (1:1) and the mixture heated to boiling, the acetic acid vol¬ 
atilizes with the steam and may be easily recognized by its vinegar 
odor. 


C 2 H 302 - + H+?:±HC2H302 

The test is not very sensitive.* Nitrate, nitrite, cyanide, ferrocya- 
nide, ferricyanide, sulphide and chlorate interfere with the test. 

The use of concentrated sulphuric acid is objectionable for the following 
reasons: On heating, SOs fumes are given off which mask the odor of acetic 
acid. When the solid acetate is heated with the concentrated acid, the 
acetic acid, evolved in the anhydrous condition, has a penetrating odor 
and is not as readily recognized as when diluted with water vapor. Ex¬ 
periment, furthermore, has shown that when the concentrated H2SO4 is 
employed, the odor of acetic acid does not last as long as when the diluted 
acid is used; as a consequence, the detection of small quantities of acetate 
is made more certain with the use of diluted H2SO4. 


* Curtman, Broggi and Fourman, Chem. News, 120, 230. 
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CALCULATIONS 

Modes of Expressing the Concentration of a Solution. Solutions 
are either dilute or concentrated. When a solution contains a rela¬ 
tively small quantity of the solute, it is dilute ; when the amount of 
solute is large, the solution is said to be concentrated. These terms 
are not exact but they serve roughly to indicate the strength of a 
solution. The precise quantity of solute contained in a given amount 
of solution is called the concentration. The latter may be desig¬ 
nated in physical units as in per cent solutions or it may be expressed 
in terms of chemical units as in molar and normal solutions. 

1. Per Cent Solutions. A per cent solution is one in which the 
ratio of the weight of the solute to that of the solution is expressed 
in parts per 100. Thus a 5 per cent solution of NaCl contains 5 grams 
of salt dissolved in 100 grams of solution; or in 95 grams or approxi¬ 
mately 95 ml. of water. Such a solution has the disadvantage that 
when a definite weight of the solute is desired, it is necessary to weigh 
a definite quantity of the solution. Thus if 1 g. of NaCl is required, 
we must weigh out 20 grams of the solution. If, however, the specific 
gravity (the weight of 1 ml.) of the solution is known, we can measure 
the volume which will contain 1 g. of the solute. In practice, a 5% 
solution is often made by dissolving 5 g. of the solute in sufficient 
water to yield 100 ml. of solution. Such a weight-volume solution 
possesses the advantage that the volume required to yield a desired 
weight of the solute can be readily calculated ; but it is not strictly a 
per cent solution. The error, however, in regarding such a solution 
as a per cent solution will not be very large, so long as the concen¬ 
tration is kept below 10%. 

2. Molar Solutions. A molar solution is one which contains one 
mole of the substance in a liter of solution. A mole of substance is 
its molecular weight expressed in grams. Thus a molar solution of 
NaCl contains 23 -f 35.5 ~ 58.5 g. NaCl in 1000 ml. of solution. A 
molar solution of BaCl2(H20)2 contains 137 -f 71 4* 36 = 244 g. 
BaCl2(H20)2 per liter. An ion possesses some of the properties of a mole¬ 
cule in solution. In calculations, therefore, a mole of hydrogen ion, 

is 1 g. For the same reason a mole of Cl" and S04*“ are respectively 
35.5 and 96 grams. A molar solution of hydrogen ion contains, there¬ 
fore, 1 g. of hydrogen ion per liter. Similarly, a liter of a molar 
solution of S 04 '” contains 96 g. SOi ion. 

205 
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3. Normal Solutions. A normal solution contains one gram equiva¬ 
lent of the solute in a liter of solution. The gram equivalent may be 
defined as that weight of the substance which will react with or replace 
1.008 g. of hydrogen, 8 g. of oxygen or that quantity of any element 
which will react with these quantities of hydrogen or oxygen, e.g., 
35.5. g. of clilorine. Comparison of the atomic weight of an element 
with its equivalent shows that the latter is equal to its atomic weight 
divided by its valence. Thus the equivalent of oxygen is 16/2, that 
of aluminum is 27/3, and that of calcium is 40/2. The equivalent of 
a compound is tliat weight which contains one gram equivalent of the 
constituent taking part in a given reaction. Usually, this is the chief 
constituent. In the case of acids it is the ionizable hydrogen, with 
bases, it is the OH groups and for salts it is generally the cation or 
anion. 

The Equivalent of an Acid can therefore be defined as that weight 
containing 1.008 g. of ionizable hydrogen. It is this hydrogen which 
is liberated when the acid is treated with metallic magnesium or zinc. 
Therefore, one mole of HCl, ^ mole of H2SO4, 1 mole of HC2H3O2 
and ^ mole of H 2 C 4 H 4 O 6 are respectively the equivalents of these 
acids. 

The Equivalent of a Base. The active component of a base is the 
OH group. Since 17.008 g. of OH are equivalent to 1.008 g. of hydro¬ 
gen, the equivalent of a base is that weight which contains 17.008 g. 
of hydroxyl. Thus, 1 mole of NaOH, -J- mole of Ca(OH )2 and I mole 
of Fe(OH )3 are respectively the equivalents of these bases. 

The Equivalent of a Salt. The components of a salt taking part 
in reactions are its ions. Hence the equivalent of a salt is that quan¬ 
tity containing one gram equivalent of the cation or anion and this 
quantity will be the mole of the salt divided by the total valence of 
the cation or anion. Thus one mole of NaCl, one mole of NH 4 CI, 
^ mole of CaS 04 and ^ mole of Ca 3 (P 04)2 are severally the equivalents 
of these salts. The above rule applies only to simple normal salts. 
In dealing with acid, complex and double salts it is necessary to 
designate the component with reference to which the equivalent is to 
be calculated. Thus the salt Na2HP04(H20)i2 yields the following 
ions by progressive ionization: 2 Na+, HP 04 “, H^ and P 04 =. It is 
clear, therefore, that in calculating the equivalent, the mole would 
have to be divided by 2 for the Na+ and HP 04 “, by 1 for the H+ and 
by 3 for the P04=. Similarly for the salt NaHCOs, which yields the 
ions, Na+ HCO 3 ", H-^" and COs", the equivalent will be ^ the mole 
for the CDs'" and the entire mole for the other ions. In the complex 
salt Na 2 PtCl 6 the equivalent will be ^ the mole for Na+ and PtCU" 
but if the Pt is to be precipitated as PtS 2 by means of H 2 S in acid 
solution, the equivalent of the salt will be -J- of the mole. Here we 
may assume that the PtCU" has ionized further into pt++++ and 
6 Cl“. For a double salt like potash alum [K2S04][Al2(S04)3][H20]24, 
the equivalent will be or ^ of the mole, depending upon whether 
the reacting constituent is KL S 04 “, or AU+'’‘. 
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All of the foregoing considerations relating to the calculation of the 
equivalents of salts which do not function as oxidants or reductants 
may be summed up in the following rule. 

The equivalent of a salt which does not act as an oxidant or reductant 
is the gram-molecular weight of the salt divided by the total valence of the 
reacting constituent. 

A normal solution is one which contains one gram equivalent of the 
substance in 1000 ml, of solution. Knowing how to calculate the 
equivalent of an acid, base and salt, it becomes a simple matter to 
prepare a normal solution of any one of these classes of substances. 

Suppose we wish to prepare a liter of a normal solution of .CaCb 
and we have at our disposal the following salts: CaCb, CaCl 2 (H 20 ) 2 , 
CaCl2(H20)4 and CaCl2(H20)6. How much of each salt must be 
taken? According to our rule, the equivalent in each case will be 
the mole of the substance used, divided in each case by the total valence 
of the metal, which is 2. Hence we shall have to weigh out the quan¬ 
tities shown in the table below. 


Salt 

Equivalent 

(hams of the Salt to 
Yield 1 Equivalent 

1. CaCb 

Ca(l2 

111 

2 

2 

2. CaCl2(H20)2 

CaCl2(H20)2 

147 

2 

CaTlodLOb 

2 

183 

3. CaCl2( 1120)4 

”2 

raCl2(H20)6 

2 

219 

4. Ca0l2(H20)fi 

2 

2 


In each case we dissolve in water the weight of the salt given in 
column 3 and then make the volume of the solution up to one liter 
by the addition of water. All of the quantities in column 3 contain 
iix g. of CaCL. The quantities in column 3 corresponding to salts 
2, 3 and 4 differ from by the quantities of water which they sever¬ 
ally contain. Naturally, the more water the salt contains the larger 
will be the weight of it required to yield g. of CaCli and the less 
water will be required to make a liter of solution. But all four solu¬ 
tions when prepared will be identical, each being a normal solution 
of CaCb. 

Normal and Molar Solutions Compared. Solutions of the same 
normality, since they contain the same number of gram equivalents 
per unit volume, must react with each other, milliliter for milliliter. 
Thus a given 2 N solution will react exactly witl^ an equal volume of 
every other 2 N solution and with twice its volume of any normal 
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solution. Against this advantage is the uncertainty as to the basis on 
which the equivalent and hence the normality has been calculated. 
This, as we have seen, applies particularly to acid, double and complex 
salts. There is, however, a more serious cause for uncertainty and 
this arises in connection with simple salts capable of taking part not 
only in reactions in which none of the elements undergoes valence 
changes, but also in reactions involving changes in valence. Take, 
for example, the substance FeCl.-i(H20)e. In reactions not involving 
valence changes, such as the precipitation of Fe(OH )3 by ammonia 
solution, the equivalent of FeCl 3 (H 20)6 is according to our rule ^ of 
its mqle; but as we shall see later, if the salt acts as an oxidant, as it 
does when added to SnCh, its equivalent will be its entire mole. To 
avoid possible error in the use of standard solutions, it is, therefore, 
preferable to express the strength of all solutions on the molarity basis 
and to calculate therefrom the normality of the solution when used 
in a particular reaction, as shown in the next paragraph. The con¬ 
centration when expressed on the molarity basis is invariable, since it 
depends solely upon the number of moles per liter. 

To Change Molarity to Normality and Vice Versa. The molarity 
of a solution represents the number of moles of solute per liter; the 
normality, the number of gram equivalents in the same volume. 
Hence the problem of changing molarity to normality consists merely 
in changing moles into gram equivalents. Thus, gi\'nn a 2 M BaCl 2 
solution to calculate its normality. A one molar BaCb solution con¬ 
tains 2 gram equivalents per liter; hence 2 M BaCh should contain 
2 X 2 4 g. equivalents per liter. It is therefore 4 N, Conversely, 

suppose we are given a 4 iV BaCh to calculate its molarity. A normal 
solutif)!! of BaCh contains one gram equivalent of BaCh, which is 
equal to ^ mole barium chloride; therefore a 4 iV BaCh solution should 
contain 4 X i moles = 2 moles BaCh, and hence the solution is 2 
molar. The student can go through tins simple method of reasoning 
each time such a calculation is to be made. But a glance at the above 
ju’oeess shows that since the mole is tlie larger unit, except for uni¬ 
valent salts where the two are identical, we need only consider how 
many equivalents there are in a mole of the substance under consid¬ 
eration. And since this number is equal to the valence of the active 
constituent, we need only multiply the molarity by the valence to get 
the normality. Conversely, to get the molarity, we divide the nor¬ 
mality by the valence. Ask the qucvstion, will the desired figure be 
greater or smaller; if larger, multiply, if smaller, divide by the valence. 
Thus given 0.012 A H3PO4 to calculate its molarity; the latter will 
be smaller and since the P 04 '^ is trivalent, the molarity is 0.012/3^ 
— 0.004 M. Conversely, given 0.004 M H3PO4 to find the normality* 
with reference to P04=. The normality will be larger and since PO4 
is trivalent, the normality is 3 X 0.004 — 0.012 N. 

Milligram Equivalents and Millimoles. In preparing solutions, the 
volume most convenient to employ is the liter, and a normal solution 
was therefore defined as a solution containing 1 g. equivalent per liter. 
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In experimental work with solutions a more convenient unit of volume 
is the milliliter, or ml. We may define a normal solution as one con¬ 
taining one mg. equivalent of the active constituent per ml. And a 
molar solution is one containing one millimole per ml. These defini¬ 
tions are useful in making calculations. Thus a. 2 N BaCh solution 
contains 2 mg. equivalents each of BaCh, Ba^+ and Cl~ per ml., or 
since one mg. equivalent of each of these is 208/2, 137/2 and 35.5 mg. 
respectively, one ml. of this solution contains 208 mg. BaCh, 137 mg. 
Ba^^ and 71 mg. Cl~. The same principle can be applied to molar 
solutions. Thus given a f M FeCb to calculate the number of mg. 
Fe’'-^ ^ and Cl~ per ml. 1 M FeCb, = M Fc+ + + and 3 M Cl~; hence 
f M FeCls = I M Fe+'^^ and 2M Cl~. Such a solution therefore 
contains f millimoles of Fe^^^ and 2 millimoles of Cl“ per ml., or 
I X 56 = 37.3 mg. Fe^^ + and 2 X 35.5 = 71 ing. Cl" per ml. 


PROBLEMS 


Example 1. How much MgS04(n20)7 is necessary for the prepara¬ 
tion of 50 ml. of a 0.5 N solution ? 

Since Mg is divalent, the weight of salt containing 1 gram equiva¬ 
lent is ^ mole or MgS04(H20)7/2 = 246/2 = 123 g. This weight will 
make 1000 ml. of a normal solution. For a 0.5 A, we shall need ^ of 
this weight. Hence the quantity of salt required for 50 ml. can easily 
be obtained by solving the following proportion for x : 

123/2 X . . 

—~ — * whence x = 3.08 g. 

1000 50' 

Example 2. What is the normality of a solution containing 50 mg. 
Ag as AgNOs per ml, ? 

A normal solution of AgNOs contains 108 g. Ag as AgNOs in 1000 
ml.; or 108 mg. Ag in 1 ml. A solution containing 50 mg. Ag per 
ml. will hence have the normality expressed by the fraction = 0.46. 


Example 3. Commercial NaOH contains 10% water. How much 
must be weighed out to make 200 ml. of 4 A NaOIl? 

Normal NaOH contains 40 g. NaOH in 1000 ml. A 4 A solution 
will therefore contain 4 X 40 = 160 g. NaOH in 1000 ml., or 0.2 X 160 
= 32 g. in 200 ml. Since the commercial NaOH contains 10% of 
water, 1 g. supplies only 0,9 g. of pure NaOH. Hence the weight of 
commercial NaOH which will yield 32 g. of pure NaOH can be found 
from the following proportion. 


J_ 

0.9 


x . 
32 ' 


whence x — 35.6 g. 


Example 4, Show by calculation how many ml. of concentrated 
HNOa, sp. gr. 1.42 and containing 70% by weight of HNOa, must be 
taken to yield on dilution with water 100 ml. 3 M HNO3. 

A molar solution of HNO3 contains 1 mole or 63 g. of anhydrous 
HNO3 in 1000 ml. ASM solution, therefore, contains 3 X 63 = 189 g. 
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per liter, or 18.9 g. in 100 ml. Our cone. HNOa has a strength of 70%, 
Le., 100 pts. by weight of the acid contain 70 pts. by weight of an¬ 
hydrous acid. Its specific gravity is 1.42. In other words, the weight 
of 1 ml. of 70% HNOa is 1.42 g., and since of this only 70% is pure 
HNOa, 0.7 X 1.42 = 0.994 g. is the weight of the anhydrous acid 
present in 1 ml. of the concentrated acid. The number of'ml. of cone, 
acid required to yield 18.9 g. of the anhydrous acid may be readily ob¬ 
tained from the following proportion: 

0.994 18.9 , , 

- ^-. whence x = 19 ml. 

1 . 1 - 

Example 5. How much NILCl must be weighed out to make 50 
ml. of an aqueous solution of strength 20 mg. NH 4 per ml.? 

The number of mg. NIL in 50 ml. will be 50 X 20 = 1000 mg. == 1 g. 
The molecular weight of NH4CI is 53.5 g.; this weight contains 18 g. 
of NH4. Let X = the weight of NH4CI necessary to yield 1 g. NIL. 

18 1 , 53.5 o. 

Then- = whence x = - = 2.9 g. 

53.5 a; 18 

( 1 ) How much cone. HNO3, sp. gr. 1.42 and containing 70% HNO3, 

is required to make a liter of normal solution when the nitric acid is 
to be used as an acid? Ans. 63.3 ml. 

( 2 ) How much NaCl must be weighed out to make 20 ml. of NaCl 

solution of strength 20 mg. Na per ml.? Ans. 1.02 g. 

(3) How much Cu(N 03 ) 2 (H 20 )a must be taken to make 30 ml. of 

a solution containing 20 mg. Cu per ml.? Am. 2.3 g. 

(4) How much commercial KOI! containing 12% of water will be 

needed to make 80 ml. of 0.25 N solution? Am. 1.27 g. 

(5) What weight of Bi(N 03 )a(n 20 )r) will be needed for the prep¬ 
aration of 40 ml, of a 0.5 N solution? Am. 3.23 g. 

( 6 ) How much [K 2 S 04 ][Al 2 (B 04 ) 3 ](H 20)24 will be required to make 
50 ml. of 0.5 A solution : (a) when the latter is used for its K content; 
( 6 ) when employed for its Al content; (c) when used as a solution for 
introducing the SO 4 ion in a reaction? 

Am. (a) 11.86 g.; (6) 3.95 g.; (c) 2.95 g. 

(7) The directions for making magnesia mixture are as follows: 
Dissolve 110 g. MgCl2(H20)6 and 280 g. NH4CI in a liter of distilled 
water. When solution is complete, add 260 ml. of NH3 (sp. gr. 0.9) 
and then enough water to make the volume 2 liters. From the above 
data, calculate the amounts of each of the substances needed to make 
30 ml. of solution. 

(8) How many ml. of cone. HCl (sp. gr. 1.19, containing 37% HCl) 
must be taken to yield on dilution 60 ml. of 3 A HCl? Am. 15 ml. 

(9) How many ml. of concentrated NH 3 , (sp. gr. 0.9, containing 
28% NH3) are needed to make on dilution 60 ml. 3 A NH3? 

Am. 12 ml 
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(10) How much SnCi 2 (H 20)2 are required to make 30 ml. 0.25 M 

solution? Ans. 1.7 g. 

( 11 ) Given a solution of Co(N 03)2 having a concentration of 20 mg. 
Co per ml. Making use of a 1 ml. pipette, graduated in tenths, a 
10 ml. and 100 ml. graduated cylinder, state how you would intro¬ 
duce into separate test-tubes the following quantities of Co: G, 1 , 0.5, 
0.05 mgs. 

( 12 ) How much Fe(NO; 03 (ll 2 O )9 must be weighed out to make 80 

ml. of a 3.5 N solution? Ans. 37.7 g. 

(13) Calculate the weight of (Cd 804 ) 3 (H? 0)8 which is necessary to 

make 100 ml. AT/G solution. Ans. 2.13 g. 

(14) Given the salt MgS 04 (H 20 ) 7 . How would you prepare 10 nil. 

of solution containing 20 mg. Mg per ml.? Ans. 2.05 g. 

(15) Calculate the normality of a solution of Cu(N() 3)2 which con¬ 
tains 20 mg. Cu per ml. Ans. 0.G3 N. 

(16) I low many ml. of glacial acetic acid whose sp. gr. is 1.048 at 
25^ and which contains 99.5% of anhydrous acid by weight, arc re¬ 
quired to yield on dilution with w^ater GO ml. of G N acetic acid? 

Ans. 21 ml. 

(17) Required: 1.5 M solution of (hi 804 . Material: 13 g. CuSO-* 
(H 2 G) 5 . How many ml. of the required solution can })e j)repared ? 

Alls. 34.G ml. 

(18) A student needing some FeS 04 (n 20)7 solution of strength 

20 mg. Fe per ml., finds that he has 2 g. of the salt in his vial. How 
many ml. can he prepare from the entire quantity of salt at his dis¬ 
posal? Ans. 20.1 ml. 

(19) How" much commercial KOH containing 10 % of water must be 
weighed out to make 150 ml. of a 7% solution (7 g. in 100 ml. of solu¬ 
tion) ? What is the normality of this solution ? A ns. 11 .7 g.; 1.25 A. 

(20) Cone. II 28 O 4 has a sp. gr. of 1.S4 and contains 9G% of anhy¬ 
drous H 2 SO 4 by weight. Calculate its normality. Ans. 36 A. 

( 21 ) Cone. HCl has a sp. gr. of 1.19 and contains 37% anhydrous 

HCl by weight. Calculate its normality. Ans. 12 A. 

( 22 ) Cone. HNO3 has a sp. gr. of 1.42 and contains 70% anhydrous 

HNO 3 by weight. Calculate its normalit}^ Ans. 15 A. 

(23) Calculate the normality of cone. NII 3 whose sp. gr. is 0.90 and 

which contains 28% of NH 3 by weight. Ans. 15 A. 

(24) How many mg. of Pb are contained in 1 ml. of 3% PbCNOs)* 
solution (100 ml. of solution containing 3 g. of Pb(N 03 ) 2 )? 

Ans. 19 mg. 

(25) How many mg. of Pb are contained in 1 ml. of a 3 molar solu¬ 
tion of Pb(N 03 ) 2 ? The same for 1 ml. of a 3 A solution of PbfNOrOz? 

Ans. 621 mg., 311 mg. 
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(26) Calculate the normality of a Pb(N 03)2 solution which contains 

100 mg. Pb per ml. Ans, 0.97 N. 

(27) A preliminary test showed that 500 mg. of Ba as BaCb are 
required for the completion of a certain reaction. How many ml. of 
2 N BaCl 2 will be required to yield this amount of Ba? Ans. 3.6 ml. 

(28) How many ml. of cone. H 2 SO 4 , sp. gr. 1.84 and containing 

94% anhydrous H2SO4, are required to make 200 ml. of 4 A sulphuric 
acid? Ans. 22.6 ml. 

(29) Calculate the normality of a solution of BiCl 8 (H 20 ) 5 , 1 ml. of 

which contains 100 mg. Bi. Ans. 1.4 N. 

(30) How much Cr 2 (S 04 ) 3 (H 20 )i 8 will be necessary to make 50 ml. 
of a 0.5 N solution when the solution is employed for its Cr content? 

Ans. 3 g. 

DILUTION PROBLEMS 

Since the concentration of a solution is the amount of dissolved 
substance contained in a unit volume of the solution, it follows that 

volume X concentration == amount of material dissolved 

The volume may be expressed in liters or milliliters and the concen¬ 
tration in grams, milligrams, moles, gram equivalents or milligram 
equivalents. If the concentration is given in grams per liter, the ratio 
will be identical with that expressed in milligrams per ml. Thus a 
solution containing 48 g. of a solid in a liter or 1000 ml. has also a 
concentration of 48 mg. per ml. Since the volume multiplied by the 
concentration gives the amount of material dissolved, it follows that 
two solutions of different concentrations but containing the same 
amount of reacting material wull be related to each other in accordance 
with the following equation : 

voLi X cone.I = vol .2 X cone .2 (1) 

If we know any three of the terms in the above equation, we can cal¬ 
culate the fourth. 

Example 1. Given a solution of concentration 27 mg. Ag"'' per ml. 
To what extent must this solution be diluted to yield one of strength 
20 mg. Ag"^ per ml. ? 

Let X be the volume to which 1 ml. of the solution must be diluted 
to yield one of concentration 20 mg. Ag"^ per ml. Since the number of 
mg. of Ag"’’ does not change in the process of dilution, we have by 
substitution in equation (1) 

1 ml. X 27 mg. = x X 20 mg. 

27 

whence x - — = 1.35 ml. 

20 

Each ml. of the solution must be diluted with water to a volume of 
1.36 ml. 
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Example 2, How would you prepare 90 mL of a solution containing 
20 mg. Ag+ per ml., given a solution of strength 27 mg. Ag+ per ml.? 

Let X = the number of ml. of the given solution (27 mg. Ag^ j>er 
ml.) which must be taken to yield on proper dilution 90 ml. of solution 
of strength 20 mg. Ag+ per ml. Substituting in equation (1), we get 

X X 27 mg. = 90 ml. X 20 mg. 
whence x = 66.6 ml. 

Example S. Given a iV/4 AgNOa solution. To what extent must 
this solution be diluted to yield one of concentration 20 mg. Ag^ per ml. ? 

This dilution problem differs from Example 1 in that the concen¬ 
trations of the original and diluted solutions are given in different 
units. But in applying the general method, the amounts of the dis¬ 
solved material which are equated must be expressed in the same units. 
Hence in the above problem, we must convert the concentrations 
uniformly either to milligrams per ml. or mg. equivalents per ml. 
(normalities). If we follow the first method, it will be necessary to 
convert the concentration of N/4 AgNOs to mg. per ml. On the other 
hand, if we solve the problem by the second method, we shall have to 
convert the concentration of the diluted solution (given as 20 mg. per 
ml.) into mg. equivalents per ml. 

Method 1. Equating the number of milligrams. 

N/4 AgNOa ==1/4 mg. equivalent Ag'‘‘ = 108/4 = 27 mg. per mL 
We have vol.i X conc.i = vol.i X conc,^) and hence 

1 X 27 = X X 20, whence x = 1.35 ml. 

Method 2. Equating the number of mg. equivalents. 

Since 1 mg. equivalent of Ag^ = 108 mg., in 20 mg. Ag"*", there is 
20/108 mg. equivalent. Substituting in equation (1), we get 

1 X 1/4 mg. equivalent = x X 20/108 mg. equivalents. 

Whence x = 1.35 

(31) Given a 2 N Co(N 03)2 solution. How would you prepare 
therefrom 60 ml. of a solution containing 10 mg. Co^^ per ml. ? 

Ans. 10.2 ml. diluted to 60 rnL 

(32) A solution has a concentration of 42 mg. Ca per ml. To what 

extent must this solution be diluted to yield a concentration of 20 mg. 
Ca per ml.? Ans, 1 ml. diluted to 2.1 mL 

(33) Given a 1.5 M MgCL solution. How would you prepare there¬ 
from 60 ml. of a solution of strength 20 mg. Mg. per ml. ? 

Ans. 33.3 ml. diluted to 60 ml^ 

(34) Given a, 2 N FeCL solution. How would you prepare there¬ 
from 40 ml. of a solution, 1 ml. of which contains 20 mg. Fe? 

Ans. 21.4 ml. diluted to 40 mL 

(35) Given a 6 W NaCl solution. How would you prepare there¬ 
from 60 ml. of a 2 W solution? Ans. 20 ml. 6 N diluted to 60 mL 
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CALCULATIONS INVOLVED IN NON-REDOX 
REACTIONS 


A normal solution is one which contains one gram equivalent of the 
dissolved substance in a liter or 1000 ml. of solution. A solution con¬ 
taining 0.5 g. equivalent in 0.5 of a liter and one containing 2 g. equiva¬ 
lents in 2 liters are also normal solutions. A 2 normal solution is one 
which contains 2 g, equivalents of the dissolved substance in a liter 
of solution, or 4 g. equivalents in 2 liters. From the foregoing, it is 
elear that the 


or 


normality = 
normality = 


number of gram equivalents 
number of liters 

number of m i lligram e(|uivalents 
number of ml. 


Hence, no. of g. equivalents = no. of liters X normality (2) 

and no. of mg. eqidvaleritc ~ no. of ml. X normality (3) 

Thus in 40 ml. of a 3 AT solution, there are 40 X 3 = 120 mg. 
equivalents. 

If two solutions of different volumes containing respectively the 
substances A and B are mixed and it is found that these volumes 
exactly react with each other, it must be because these different vol¬ 
umes severally contain the same number of g. equivalents or mg. 
equivalents of A and B. But according to equation (3) the number of 
mg. equivalents is equal to the number of ml. X the normality of the 
solution. Hence if we designate the volumes of the solutions respec¬ 
tively by ml.i and mL 2 and the corresponding normalities by normalityi 
and normality 2 , we have the relation 

mZ.i X normalityi — ml .2 X normaliiy 2 (4) 

If we know any three of these terms in the above equation, we can 
calculate the fourth. Equation (4) is another form of the more gen¬ 
eral equation (1) in which the concentration is expressed in normality 
(mg. equivalents per ml.) and the volume in ml. 

Example 1. How many ml. of 8 V HCl are required to react with 
40 ml. 3 V NaOH? 

Substituting in equation (4), we get 

a; X 8 mg. eq./ml. = 40 ml. X 3 mg. eq./ml.; whence a: — 15 ml. 

Example 2. 40 ml. of 3 V NaOH were required to neutralize exactly 

15 ml. of an HCl solution. What is the normality of tlie HCl solution? 

Substituting in (4), we have 

15 ml. X a; == 40 ml. X 3 mg. eq./ml.; whence x = 8 mg. eq./ml. 

Example 3. How many ml. of 3 M HCl are necessary to precipitate 
completely 500 mg. Ag"^? Let x = the vol. in ml. of HCl required. 
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This volume must supply the same number of mg. equivalents of 
HCl as there are mg. equivalents of Ag^ in 500 mg. Ag*^ or 

number of ing. equivalents of HCl = number of mg. equivalents of Ag^ 

X X S = whence x - 1.5 ml. 

108 

Example 4- How many ml. of 3 M HCl are required to precipitate 
500 mg. Pb? We have 

number of mg. eq. of HCl = numbor of mg. eq. of Pb^^ 

X X ‘4 — -; whence x -- \ AS rnl. 

207/2 

Example 5. How many grams of anhydrous Na 2 C 03 are noc'essary 
to neutralize 2 ml. of cone. HNOa, the latter being 15 M? 

Let X = weight in mg. of Na 2 C();$ required ; then since a mg. ee[uiva- 
lent of Na 2 C 03 = Na 2 COa /2 = 53, we have 

number of mg. eq. of Na 2 C 03 — number of mg. eq. of HNO 3 

— — 2 X 15; whence x == 1590 mg. = 1.59 g. 

53 

Example 6, 50 ml. 3 M HCl were mixed with 20 ml. 5 M HCl. 

What is the normality of the resulting solution? 

Since ml. X normality = number of mg. equivalents, one solution 
yields 50 X 3 = 150 mg. equivalents, and the other 20 X 5 = 100. 
We thus have a total of 250 mg. equivalents of HCl in a total volume 
of 70 ml. Since the normality = number of mg. equivalents per ml., 

we have = 3.6 iV. 

70 

(36) How many ml. of 3 N AgNOs will be required to react com¬ 
pletely with 15 ml. of 0.8 N NaCl? Ans. 4 ml. 

(37) How many ml. 0.2 N HCl will be needed to completely pre¬ 
cipitate the Ag in 50 ml. iV/4 AgNOs? Ans. 62.5 ml. 

(38) 50 ml. of 0.5 M (NH 4 ) 2 S 04 were just sufficient to precipitate 
the Ba contained in 25 ml. of solution, (a) Calculate the normality 
of the Ba solution, (h) Give the strength of the solution in grams per 
liter and in moles per liter. Ans. (a) 2 N, ( 6 ) 137 g./l.; 1 mole/I. 

(39) 70 ml. of a given NaOH solution were required to neutralize 
50 ml. of 3 iV HCl. Calculate the normality of the NaOH solution. 

Ans. 2.14 N, 

(40) If 40.5 ml. of 3 N HNO .3 were required to neutralize 35 ml. of 
a given NHs solution, calculate the normality of the NHs solution. 

A 71 S. 3.5 N, 

(41) 0,05 g. FeS on treatment with an excess of HCl will yield 
sufficient H 2 S to precipitate how many mg. of Hg (ic), Pb or Cd? 

Ans. 114 mg. Hg, 117 mg. Pb, 64 mg. Cd. 
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(42) How many ml of 2 M (NH 4 ) 2 C 03 will be needed for precipi¬ 
tating 500 mg. Ca? Ans. 6.25 ml 

(43) How many ml of 0.25 M (NH4)2C204 are necessary to react 

with 500 mg. Ca? Ans, 50 ml 

(44) How many ml of 3 M (NH 4 ) 2 C 03 are necessary to precipitate 

completely 500 mg. Ca? Ans. 4.17 ml 

(45) What weight of NaCl will be neeessary to precipitate com¬ 
pletely the Ag in 30 ml of 6 A AgNOa? Ans. 10.53 g. 

(46) How many ml of 3 N HCl are necessary to precipitate the 

Ag^ in 50 ml. of 0.25 N AgNOa. Ans. 4.17 ml. 

(47) Calculate the volume of 3 A HCl required to precipitate all 

the Ag in 0.10 g. AgNOa. Ans. 0.19 ml 

(48) How many ml. 3 M NHa are required to precipitate all the 
Fe"*"* ^ as Fe(OH )3 from a solution containing 0.451 g. FeCla(H20)6. 

Ans. 1.7 ml 


OXIDATION-REDUCTION 

Experiment shows that in acid solution ^ mole KMn04, J mole 
HNOa and } mole 11202 will severally react exactly with one mole of 
FeS 04 . Also that ^ mole H 2 S, \ mole SnCl and ^ mole H 2 SO 3 will 
exactly react respectively with ^ mole KMn04. The quantities of 
these oxidants and reductants are therefore chemically equivalent. 
An examination of the partial ionic equations for these oxidants and re¬ 
ductants (see Tables X and XI) shows that the number by which the 
mole is divided in each case to get the equivalent represents the num¬ 
ber of electrons gained or lost. The equivalent is therefore that quan¬ 
tity of the oxidant or reductant which in a given reaction involves 
a gain or loss of one electron. Hence to calculate the equivalent of a 
substance acting as an oxidant or reductant, divide its molecular weight 
expressed in grams by the number of electrons gained or lost as shown 
in the partial ionic equation for the reaction in which it takes part.*^ 

In Tables X and XI, the reader will find a list of the more important 
oxidants and reductants, together witli the partial equations on the 
basis of which the equivalent can be readily calculated. These 
partial equations should be learned by the student, since by their 
means the writing of the equations for a large number of redox reactions 
becomes a simple matter, since in each case it merely means writing 
two partial ecpiations, one for the reduction of the oxidant and the 
other for the oxidation of the reductant, and then combining the two 

* In t^rins of valence, the equivalent is that quantity of the oxidant or reductant 
which in the reaction in which it is employed involves a valence change of 1 unit 
per mole, h'rom this point of view, the above rule Ixicomes: To find the equivalent 
of an oxidant or redu(5tant, divide its mole by the total valence change per mole 
which some element in the substance undergoes. Thus, when 2 J<’eS 04 is oxidized 
to Fe2(S04)8, thp total change in valence of Fe is from + 4 to + 6; or a valence 
change of 2 for 2 moles of FeS 04 or 1 for 1 mole of FeS04. Hence the equivalent 
of FeS 04 is its mole. Similarly, for K2Cr207 reducing to 2 CrCU, the total change 
in vaJence is from 12 to 0, or a change of 6; henco the equivalent is KaCi^Ov/O. 
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(see p. 34). As an example let us take the reaction taking place 
between KMn04 in acid solution and H 2 O 2 . Here, the H 2 O 2 acts as 
a reductant. Hence Mn 04~/5 = H 2 O 2/2 or 2 Mn04~ = 5 HiOi. 


Table X. Oxidants 


Substance 

Partial Equation 

Equiv¬ 

alent 

Nitric acid* 

NO 3-+2 II+ + I er NOs+HjO 

inolet 


NO,,-+4 H++3 e5=^NO+2 H 2 O 

mole 

Potassium permanga¬ 

NO 3 -+IO H++8e?^NH4’^+3 H..0 

\ iiioh^ 

nate (acid solution) 

Mn04-+8 H++5 e?:iMn+++4 H.O 

1 mole 

(neutral or alkaline) 

Mn04-+2 H 2 O +3 ef:iMn02+4 Oil- 

mole 

Potassium dichromatc 
Hydrogen peroxide in 

CrjO?"+14H+ +6 e ?s 2 Cr++++THjO 

\ mole 

acid solution 

Sodium peroxide or 
H 2 O 2 in alkaline so¬ 

11202+2 H ++2 e ^2 H 2 O 

1 mole 

lution 

02-+2H20+2c?±4 0H- 

A- mole 

Chlorine 

Cl 2~{“2 e^2 Cr” 

^ mole 

FeCla 

p'e++++l e^Fe++ 

mole 

NaClO 

a0-+H20+2 e^Cl-+2 OH" 

2 mole 

KCIO 3 (acid solution) 

CIO 3-+2 H ++1 CFiC)02+H20 

mole 

NaBiOs 

NaBi03+6n++2c 



^=^Bi* "-+3 HiO+Na* 

1 mole 

Mn02 

Mn02+4 H++2 ej=t2 H20 + Mn++ 

.J mole 


* In calculating the equivalent of an oxidant or reductant having more than one equivalent, 
it is evident that one must know the conditions under which the oxidant or reductant leacts in 
a given case before the proper partial equation can be selected. In other words, one must 
know the oxidized or reduced forms in the reaction under consideration. 

t Since in the molecular equation HNOs is used for NOa", the equivalent will be either 
HNOa/1 or NOa"/!. Similarly for KMnOi the equivalent will be Mn04“/5 or KMnOi/S. 


PROBLEMS 


Example, How much KMn 04 must be weighed out to make 60 
ml. of a iV/4 solution of KMn 04 , the latter acting as an oxidant in 
acid solution? 

The equivalent of KMn04 in acid solution is ^ of its mole or 
= 31.6 g. This quantity of KMn 04 will make 1000 ml. of a A solu¬ 


tion and —= 7.9 g. will make 1000 ml. of a A/4 solution. Hence 
4 

the weight necessary to prepare 60 ml. is 0.474 g. as shown below. 


~ whence x = 0.474 g. 
1000 60 
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Table XL Reductants 


Substance 

Partial Equation 

Equiv^ 

alent 

Hydrogen sulphide 

ll2S^r>S+2 1 L+ 2 c 

A mole 

Sodium sulphide 

S-?^S+ 2 (; 

^ mole 

Stannous chloride in 

S-+4 H ++8 e 

1 mole 

the presence of 11 Cl 

Sn+-'+6 C\-^SnCArA-2 e 

.j mole 

Sulphurous acid 

H2S03-fH20^n±HS04 4-3lD-f2c 

1 mole 

Sodium sulphite 

S 03 “‘ +1120^11804- +ID +2 c 

4 mole 

Ferrous sulphate 

P"e++^z>Fe 

mole 

Hydrogen peroxide 

11202^02+2 H ^+2 e 

A mole 

Zinc 

Zn^^Zn + ++2 e 

.j mole 

Hydrogen 

H2.-=^2 H ++2c 

}> mole 

Oxalic acid 

(^ 204 “ r ^2 C() 2+2 e 

i mole 

Hydriodic acid 

Hl^^t I 2 + H + + I c 

mole 

NaAs02 

! ASO 2 +2 il2()^--H2A.s04-+2 H ++2c 

mole 


(49) Calculate tlie normality of a 1% KMn 04 solution to be used 

in acid solution as an oxidant. Afis. 0.31 N. 

(50) How many ml. of 0.05 N KMn 04 to be used in acid solution as 
an oxidant can be prepared from 0.5 g. of KMnOd? A ns. 310 ml. 

(51) What is the molarity of a 0.5 N KMn04, the normality having 
been calculated on the assumption that the oxidant is to be used in 
acid solution. Express the concentration also in ttirms of per cent. 

Ans. 0.1 M ; 1.0%. 

(52) A solution of K2Cr207 is 0.045 Af. Calculate its normality 

when used as an oxidant in acid solution. Also calculate its concen¬ 
tration in terms of per cent. Ans. 0.27 N ; 1.3%. 

CALCULATIONS INVOLVED IN REDOX REACTIONS 

It must be evident to the student that solutions of different oxidants 
having tlie same normality * must have the same oxidizing power per 
unit volume since according to definition, equal volumes of such solu¬ 
tions will contain the same number of mg. equivalents of the respective 
oxidants. Thus 10 ml. of N KMn 04 will oxidize the same quantity 
of ferrous ion in acid solution as 10 ml. of N H 2 O 2 or 5 ml. of 2 V H 2 O 2 , 
because in each case the number of mg. equivalents involved (ml. 
X normality) is 10. When an oxidant and reductant react, the actual 
quantities of the substances involved are such as will supply the same 
number of milligram equivalents of each substance. Thus when 
KMn04 reacts with FeS 04 in acid solution, a definite number of mg. 

♦ It is of course assumed that the normality has been calculated on the assump¬ 
tion that the substances function us oxidants. 
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equivalents of KMn 04 react with an equal number of mg. equivalents 
of FeS 04 . This principle supplies a simple method of solving all 
problems involving redox reactions; for in any given case we need only 
equate the number of mg. equivalents of the oxidant and reductant. 
The ecpiivalent must of course be calculated on tlie assumption that 
the substances involved act as oxidant and reductant respectively. 

Example L How many ml. of 0.1 M KMn04 will be required to 
oxidize 112 mg. Fe"^"^ present as FeS 04 in acid solution. 

M KMn04 = 5 A KMn 04 acting as oxidant in acid solution (see 
Table X). Therefore, 0.1 M KMn 04 = 0.5 N KMn 04 acting as oxi¬ 
dant in acid solution. 

Let X — number of ml. of KMn 04 required; then x X 0.5 ~ num¬ 
ber of mg. equivalents of KMn04. A mg. equivalent of Fc"^^' as 
FcS 04 (see Table XI) is its mole expressed in mg.; i.e., 56 mg. Hence 
the number of mg. equivalents in 112 mg. Fe++ as FeS 04 is 112/56 = 2. 

According to the previous paragraph we have 

no. of mg. equivalents of oxidant — no. of mg. equivalents reductant 

Substituting in this general equation we get 

x X 0.5 = 2; whence a: = 4 ml. 

Example 2. How many grams of Na202 are necessary to oxidize 
500 mg. Cr as CrCla to Cr04”. 

From the table we see that the mg. equivalent of Na202 is J its milli¬ 
mole or ^ X 78 == 39 mg. To determine the equivalent of Or ' ^ under¬ 
going oxidation to Cr 04 “, we need only write the ionic equation, which is 

+ + + + 8 OH- - Cr04“ + 4 ILO -f 3 c 

Hence the mg. equivalent of Cr ' ^ ^ is Cr 3 = 52'3 - 17.3 mgs. 
We have 

no. of mg. equivalents of oxidant = no. of mg. equivalents of reductant 

Let X = no. of mg. of Na202; then substituting in the above equa¬ 
tion, we get 

a;/39 = 500/17.3; whence x = 1130 mg. = 1.13 g. 

Example 3. (a) Which will oxidize more Fe^"^, 10 ml, of 0.88/1/ 

H 2 O 2 or 82 ml. 0.04 M KMn 04 ? (5) How much more Fe + ^ will one 
oxidize than the other? 

The normalities of the H 2 O 2 and KMn 04 are 1.76 and 0.2 respec¬ 
tively (see Table X). 

The number of mg. equivalents of H 2 O 2 — 10 X 1.76 — 17.6 and 
that of KMn 04 = 82 X 0.2 - 16.4. 

Therefore, the volume of H 2 O 2 will oxidize more Fe + +, since it sup¬ 
plies the larger number of mg. equivalents of oxidant. 

Since the peroxide supplies 1.2 more mg. equivalents of oxidant than 
does the permanganate, the former will oxidize 1.2 more mg. equiva¬ 
lents of Fe’’"'^, and since one mg. equivalent of Fe^^ = 56, the peroxide 
will oxidize 1.2 X 56 = 67.2 rng. Fc more than will the KMnOi 
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PROBLEMS 

(53) Which will oxidize more 5 ml. 3 % H2O2, 10 ml. M/6 

K2Cr207 or 5 ml. M/5 KMn 04 ? Ans. K2Cr207. 

(54) A saturated solution of H 2 S at 25° and at atmospheric pressure 

is approximately 0.1 M. Calculate how many ml. of this solution are 
necessary to reduce completely 100 mg. Fe‘^+'^. Ans. 8.9 ml. 

(55) 5 ml. of a given SnCL solution reduces 0.041 g. HgCL to Hg 2 Cl 2 . 
What is the normality of the SnCL as a reductant? Ans. 0.03 N. 

(56) 0.014 g. of NaBiOa are added to a nitric acid solution contain¬ 

ing 10 mg. Mn"*"^. Write the equation for the reaction which takes 
place. Show by calculation which reactant is present in excess. Cal¬ 
culate its amount in milligrams. Ans. 8.9 mg. 

(57) What weight of Zn is necessary to reduce 20 ml. 3 M FeCls 

in HCl solution? Ans. 1.95 g. 

(58) How many ml. of 3% H 2 O 2 are required to oxidize completely 

1 g. of FevS 04 (H 20)7 in the presence of H 2 SO 4 ? Ans. 2.05 ml. 

(59) How many ml. of M/12 K 2 Cr 207 are needed to oxidize 200 mg. 

Fe^'*' in H 2 SO 4 solution? Ans. 7.1 ml. 

(60) How many ml. of saturated H 2 SO 3 (0.55 M) are necessary to 

reduce 200 mg. of K2Cr207? Ans. 3.7 ml. 

(61) What volume of 5% KMn04 will be bleached in acid solution 

by 0.10 g. of H 2 C 2 O 4 ? Ans. 1.41 ml. 

(62) 5 ml. of a certain H 2 SO 3 solution bleached 42.5 ml. of 0.02 M 

KMn04 in acid solution. What is the molarity of the sulphurous 
acid solution? Ans. 0.425 M. 

(63) How many ml. of 0.02 M KMn04 would be bleached in acid 
solution by 0.20 g. Mohr's salt, [FeS04][(NH4)2S04][H20]6? Ans. 5.1 ml. 

Special Problems. Problems involving the calculation of the 
minimum quantities of reagents needed to form complex ions such as 
[AI(0H)4]~, [Ni(NH 3 ) 6 ]^‘^ require that the equivalent be calculated on 
the basis of the coordination valence of the ions. It is, however, 
simpler in such cases to base the calculation on the chemical equation 
showing the actual quantities of the substances involved. In the 
reaction between a sulphide such as CuS and HNO 3 , the equation 
3 CuS + 2 NO 3 - + 8 H+ -> 3 Cu++ + 2 NO + 4 H 2 O + 3 S 

shows that while 2 NOa" will be sufficient to oxidize 3 S“, a quantity of 
acid which will yield 8 H^ must also be present to take 3 CuS into 
solution; and if all the acid is to be provided by the HNO3, we shall 
need 8 moles of HNOs for 3 moles of CuS. Similar considerations 
apply in calculating the minimum quantity of aqvxi regia required to 
dissolve HgS; for the equation 

3 HgS +12 Cl-H -2 NO 3-+8 3 HgClr +2 NO+4 HjO+S S 

shows that HgS, HCl and HNO 3 react in the ratios of 
3 HgS : 12 HCl: 2 HNO*. 



PART IV 


LABORATORY WORK 

SEMIMICRO TECHNIQUE AND EQUIPMENT 

Macro, Semimicro and Micro Qualitative Analysis. In carrying 
out an analysis by the ordinary macro method, we usually take 
about 1 gram of the unknown solid mixture, or 0.5 g. if the unknown 
is an alloy, and after dissolving it in an appropriate solvent, the 
solution is diluted to about 20 ml. In this solution we are able to 
detect all the common metal ions when present in amounts greater 
than 1-5 mg. Provision is made in the procedures for handling a 
total of 500 mg. of cation. In the course of the analysis, reagent 
solutions are added to yield relatively large precipitates and solu¬ 
tions that require for their treatment not only much time, but also 
relatively large and costly pieces of apparatus. 

Now suppose instead of a 1 g. sample, we were to use only 
of a gram, i.e., 50 mg., and instead of dissolving it in 20 ml., we were 
to use 1 ml., we should have to start with a much smalkn* volume 
of solution but its concentration would be identical with t hat used in 
macro work. And if proportional quantities of the same reagent 
solutions were added, we should get the same precipitatcis and 
solutions, but -gV the size of those formed from the larger sample. 
Of course the smaller the precipitates and the volumes of tfie solu¬ 
tions, the greater are the difficulties in handling tluan since many 
of the mechanical operations employed in macro work are inap¬ 
plicable. To meet these difficulties, special techniques have been 
developed, often employing new types of apparatus. These will 
shortly be considered. At this point, we need only state, that when 
these techniques are skillfully carried out, the results are as trust¬ 
worthy as those obtained in macro work. 

We may now define semimicro qualitative analysis as a method 
of analysis employing a special technique whereby the reactions 
and procedures used in macro work may be reliably carried out on 
a reduced scale; the latter varies from to When the scale is 
further reduced to xiir or less, further modification of our tech- 
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niqiu^ is necessary. An analysis on this scale is known as micro 
qualitative analysis. In brief, it is the scale on which all the opera¬ 
tions are carried out coupled with a specialized technique devised 
for that particular scale, that d(‘terniines whetlier an analysis is of 
the macro, semirnic.ro or micro type. In the system of analysis 
proposed in this text, the scale is used. 

The Balance. To meet the needs of semimicro work the balance 
employed should b(i sensitive to 1 mg. Such a balance, called a 
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pulp balance, is shown in Fig. 12a. It is a costly and delicate instru¬ 
ment, and must be used carefully and intelligently. The student 
has doubtless learned to weigh by the method of swings in his 
course in General Chemistry. If he has not, he should request the 
instructor to give him a demonstration of th(‘. process of weighing. 

It is of the utmost importance that a definitci weight of the sample 
be taken for the analysis. If too little is used, the resulting solu¬ 
tions may be too low in concentration to yield decisive tests, with 
the result that certain constituents will be missed. On the other 
hand, if too much sample is taken, large quantities of reagents will 
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be required yielding precipitates and solutions too large to be 
handled in the small apparatus supplied. It is evident, moreover, 
that the weight of the sample must be known if estimates of the 
ions present are to be reported. 

The following points should be kept in mind in using the balance. 

(1) Determine the zero point each time the balaiu^e is used. If 
it lies beyond one division to the right or left of the centei’, ask the 
instructor to adjust the balance. This may be doiK) by means of 
tlie screw at either end of the beam. 

(2) Never place your unknown directly on the pan. Use balanccnl 
watch-glasses, or divide a piec^e of weighing papca* into two (apial 
parts. Place one on each pan and then determine the position of 
n^st’’ of the balance. 

(3) Place the weight on the right hand pan. Now by means of 
a micro spatula (Fig. 13g), transfer some of the powdered un¬ 
known to the paper on the left hand pan. 

(4) Always arrest the beam before adding or removing material 
from the pan. 

(5) The balance must always b(‘ left clean. Any salt spilled on 
tlie floor or pan of the balaiu^c' sliould be swept up with a small 
bi’ush. 

(()) Much time can be saved by measuring rather than weighing 
th(^ solid reagents. Fig. 12b shows a small glass case in which are 
suspended by a perforated bracket labeled tubes containing 
weighed (piantities of solid reagents most fre(|uently employeid in 
the schemes of analysis. By comparison with tliese standards and 
using ckan dry 2 ml. tubes of similar type, the (quantities re- 
(quired may be measured instead of weighed with no appreciable 
error (see Fig. 12b). 
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Capillary Pipettes. These can now be purchased. If they are 
included in your outfit, see to it that they are perfectly clean. The 
capillary portion should be of sufficient length to reach to the 
bottom of a 4 ml. pyrex test-tube or a 2 ml. conical centrifuge tube 
(Figs. 13a and 13b). The dimensions are showm in Figure 13c. If 
not available, the capillary pipettes may be made from tubing as 
follows: The midpoint of a 7-8" piece of glass tubing of 7-8 mm. 
bore is heated and rotated over a Bunsen flame (without wing top) 
until it softens. The heated portion is then thickened slightly by 
gentle inward pressure at both ends while continuing the heating 
and rotating. The tube is then removed from the flame and slowly 
drawn out to an internal diameter of about 1 mm. In this way a 
thick-walled and strong capillary will be formed. When it is cold, 
cut the capillary at about the mid-point with a file. The capillary 
ends should be fire polished by rotating the ends in the flame for 
only a few moments. To flare the wide ends, heat and rotate the 
extreme ends of the wide part of the tube until soft and then 
quickly press the end down against the stone desk top or a steel 
plate. 

Your Work Bench. The top of your desk should be clean and 
dry and should always present a neat and orderly appearance. 
Liquids which are spilled accidentally should be mopped up at 
once with a wet sponge and the desk top then thoroughly cleaned. 
Do not allow excessive apparatus to accumulate on your desk and 
see to it that each piece of apparatus that is constantly needed in 
your work occupies a definite and convenient place. Observance 
of this suggestion will not only save time and avoid accidents but 
will make for orderly and careful work. A convenient arrangement 
of the equipment is shown in the frontispiece and in Fig. 14. 

Cleaning of Glassware and Porcelain. It is of the utmost impor¬ 
tance, especially in semimicro work, that all the glass and porcelain 
ware employed in making tests shall be scrupulously clean. If in 
doubt whether a piece of apparatus has been cleaned, it is well to 
rewash it rather than nin the risk of using an unclean vessel; for 
the presence of the smallest amount of foreign matter may not only 
render a test doubtful, but cause a needless waste of time, if as a 
consequence the entire experiment must be repeated. It is a good 
rule to clean your glassware as soon after use as possible. 

Test-tubes and centrifuge tubes are cleaned with the aid of a special 
brush designed for this purpose (Fig. 13h), or by means of a small 
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Fig. 13. Some Semimicho Appakatus 


a, 4 ml. pyrex tube; b, 2 ml. conical pyn^x tulx*; r, capillary pipette; d, 10 
and 5 ml. beakers; e, medicine droppvr; f, glaas rods; g, micro spatula; k, ivsU 
tube brush; perforated lead plate for water bath; j) (4ean tubes drying on 
filter paper; k, spot plate; I, wooden block for holding t ubt?s and beakers; m, dis¬ 
tilled water bottle. 
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feather. A number of tubes can be cleaned at once as follows: 
Hold as many as can conveniently be held in the left hand, and 
empty them by inverting them over the sink. Then partly fill them 
with water. Inti'odiu^e the brush or feather and rotate it so as to 



Fig. 14 


loosen any solid particles adhering to the bottom or walls. Remove 
the lirush and then empty the tubes. Repeat this treatment and 
finally rinse the tubes with distilled water. Hold the tubes up to 
the light and examine them critically, setting aside those requiring 
further treatment. After cleaning, invert the tubes and allow them 
to drain in a beaker on the bottom of which has been spread 2 folds 
of filter paper to absorb the water (Fig. 13j). Occasionally it is 
necessary to use a little soap powder, acids or chromic acid mix¬ 
ture; but in all such cases the treatment must be followed by 
numerous rinsings with water to remove the detergent. 
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Beakersj crucibles, watch-glasses and stirring rods (Figs. 13d and 13f) 
should also be cleaned with the aid of the brush. The beakers and 
crucibles after the final rinsing with water should be inverted and 
allowed to drain and dry on a clean towel of hnen or paper that has 
been spread on your desk (Fig. 14). The spot plate (Fig. 13k) is 
cleaned hy holding it in a horizontal position and pouring water 
from a small beaker over the plate thus filling all the depressions. 
With the end of the test-tube brush or with a small sponge scrub 
each depression and finally go over the entire plate with the side of 
the brush. Remove the water and then rinse the plate with wat.(‘r 
from your beak(ir.* Examine the plate critically, and if not per¬ 
fectly clean, repeat the treatment with brush and water or with the 
aid of a little soap powder or acid. 

Capillary pipettes ami droppers arc best cleaned by first removing 
the nipples and allowing water to run through the tubes; finally 
I’inse the outer surface with water. The nippk^s are cleaned by 
repeatedly filling them with water and emptying them. A fine 
feather is sometimes required to remove any solid particles adhering 
to the inner walls of tlie capillary tubes. It is good practice to run 
the wet brush or feather over rods to insure the removal of any 
adhering solid particles. When thoroughly clean, pipettes, droppers 
and rods should be placed on the towel to dry (Fig. 14). At the end 
of the laboratory period, transfer your clean rods, pipettes and 
droppers to a pasteboard box with cover, so that they will remain 
clean until needed. 

Calibration of Capillary Pipette. Capillary pipettes are not only 
used to separate solution from precipitate after centrifuging but 
are also frequently employed to deliver definitely small quantities 
of solutions. To this end we must know the exact volume of the 
drop delivered by the pipette. This information can be ascertained 
as follows: Dip the capillary end of the pipette into a small beaker 
of water and then by alternately compressing and releasing the 
bulb, draw up some water into the tube. Now hold the tube ver ti¬ 
cally over a clean dry 10 ml. graduated cylinder and gently press 
the bulb. Count the falling drops until the meniscus reaches the 
2 ml. mark. From the data, the volume of a single drop can be 


* It is preferable to pour water from the beaker on to the plate as described above 
rather than to attempt to clean the plate by holding it under the tap of running 
water; since under these conditions there is always the possibility of splashing 
oneself or neighbor with the diluted contents of the spot plate. 
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calculated. Repeat these operations until two results are obtained 
which do not differ by more than two drops. The capillary pipette 
should deliver about 30 drops per ml. A small label stating the 
number of drops per ml. should be placed on the upper part of the 
pipette. 

Reagents. The student^s rack (Frontispiece) should contain all 
the reagents which are most frequently used in his work. A list of 
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Fig. 15 


these is given on page 355, Besides these individual reagents, 
there are a number of reagents and special solutions which are in¬ 
frequently used. These are generally known as side-shelf reagents 
(Fig. 15). A list of these appears on page 355. Two sets of such 
reagents should be available in each laboratory, so placed as to be 
easily accessible to students. If the student fills his own reagent 
bottles, he should make sure that his bottles are all perfectly clean. 
To avoid mistakes, the student is advised to label all his bottles 
before filling them. The label * should be placed on each bottle 
in a perfectly horizontal position (Fig. 16) and at a uniform 
height. This arrangement, as shown in the figure, will not only 
look neater but will expedite the location of each bottle in the 
rack. 

* Printed gummed labels of suitable siae may be ordered from a local printer in 
lots of 1000 of each. For convenience of distribution, these should be supplied in 
individual boxes containing 100 of each. 
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Precipitation. In semimicro work nearly all precipitations are 
carried out either in 4 ml. pyrex test-tubes or in 2 ml. conical 
test-tubes. However, small beakers are preferable for gi'oup 
precipitations with HaS. In performing this operation, it is im¬ 
portant to remember the following: 

(1) A large excess of reagent should be avoided. A simple 

calculation will show how much ^ ^ 

to add to precipitate a maxi- | | | | 

mum quantity of an ion. 

(2) In adding the reagent, |~j y • J 

care must be exercised not to [ S [ ^ 

allow the tip or any part of the | 

reagent dropper to come in con¬ 
tact with the solution that is 

being treated or with the w alls Correct lai^eiing 

of the test-tube in which precip¬ 
itation is made. This source of 
reagent contamination is espe¬ 
cially to be guarded against where 
on the addition of the reagent a 
reaction takes place with the 
evolution of a gas. If through 
carelessness any part of the 
reagent dropper should touch 
the solution or container, it 
should be thoroughly rinsed 
with distilled water before returning it to the bottle. The same 
considerations apply in using any of the side-shelf reagents. 

(3) It is good laboratory technique, especially where a group of 
ions is to be precipitated, to stir the mixture as the reagent is added. 
This will minimize occlusion and aid in effecting complete precipi¬ 
tation. 

(4) Since heating generally promotes precipitation (there are 
some exceptions) by shortening the time for the reaction to take 
place, it is well in many cases, after and during the addition of the 
reagent, to heat and stir the reaction mixture in the water bath. 

(5) A test for completeness of precipitation must always be 
made. This generally can be done by adding a small drop of the 
reagent to the clear supernatant liquid. If the latter is not clear 
the mixture should be centrifuged. 



Incorrect lal>eling 
Fig. 1G 
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Stirring. Pyrex ware possesses a number of advantages over 
other forms of glassware, the chief of which are: (1) its com- 
paratively low coefficient of expansion, and (2) its relative inert¬ 
ness to the action of reagents. It has, however, one drawback; it 
is softer than the ordinary type of glass and hence Is more easily 
scT’atched. Therefore, in stirring, do not allow the rod to rub 

against the walls of the 
tubes or beakers. If this 
precaution is not heeded, 
the scratches will soon 
i*ender the vessels unfit for 
furthei' use. In washing 
a precipitate with a little 
water, it is imperative to 
stir the precipitate so that 
every particle is brought 
in contact with as large a 
volume of water as pos¬ 
sible. This can be accom¬ 
plished expeditiously by 
holding th(^ tube almost horizontal, to spread the precipitate ovei’ 
a larger surface, and then stirring the mixture (see Fig. 17). 

Heating of Solutions. A solution in a small test-tube cannot be 
safely heated over a flame since some of tlu', generated steam would 
violently drive part or all of tlie li(]uid out of the tube. It must be 
clear to the reader that since in semimicro work we always deal 
with small volumes, the loss of an apparently small quantity of 
solution ^vould be fatal to good results. Hence resort must be had 
to safer methods. Where mere heating is required, the boiling 
water bath is quite satisfactory (see Fig. 18). This consists of a 
150 ml. pyi’ex beaker, f filled with water and covered with a lead 
plate (see Fig. 13i) in the center of which a hole has been drilled of a 
size to accommodate the 4 ml. and 2 ml. test-tubes. However, to 
facilitate the removal of the hot tubes from the water bath and 
to avoid burning the fingers, the author has found it a good plan 
to wind an ordinary 1 in. rubber elastic; band twice around the 
tube about J in. from the top (Fig. 19). The author has also 
found these rubber bands very serviceable for attaching to small 
test-tubes and beakers small pieces of folded paper. On the latter 
many more notes may be written than on a label. 
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Evaporations. It is frequently necessary to heat solutions to 
boiling and to maintain them at the boiling point in order either 
to concentrate them or to remove volatile acids or bi^es. This 

operation must always be con¬ 
ducted with care to avoid bump¬ 
ing and spattering. The latter 
will not only cause a serious 
loss of material, but it may also 
result in personal injury. The 
heating and boiling down of 
solutions to a small volume 
is conducted most safely by 
means of a boiling water or 
steam bath. The operation 
may be accelerated by the 
simultaneous use of a stream 
of filtered compressed air which 
serves to remove the vapors 
as fast as they are 
formed. This method 
is generally con¬ 
sidered too time-con¬ 
suming for the pur¬ 
poses of qualitative 
analysis. 

Rapid evaporation 
of a solution to a fe^w 
drops or to the point 
of dryness may be 
safely cai’ried out, 
after a little experience, by any one of the following 
methods: (a) The solution contained in a 10 ml. pyrex, 
beaker is placed on a wire gauze and the latter heated 
intermittently with the micro burner. This is easily accom¬ 
plished by holding the burner in the hand (Fig. 20) and 
waving it beneath the gauze. The flame should be kept in 
constant motion and never allowed to play for more than 
an instant on any point of the gauze. It is important to 
discontinue the application of the flame when the volume has been 
reduced to about 2 drops and to allow the heat of the gauze to com- 
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pleie the evaporation, (h) After bringing the solution to a boil by 
the method described above, the evaporation often can be ac¬ 
complished safely by playing the flame on a point of the gauze 
at some distance from the beaker; the heat conducted from this 
point (Fig. 21 ) is generally sufficient to keep the solution quietly 
boihng. The difficulty in this 
method is finding the safe area 
where the heat can be concen- 
trated. (c) After the solution ^ 

has been brought to the boiling 
point, the micro burner is placed 
directly under the gauze, at a 
sufficiently safe distance (Fig. 22) 
to provide a continuous low 
heat, but enough to keep the 
solution at the boiling point. 

This method is slower than 
those of (a) and (?;) but gen¬ 
erally requires a minimum of 
watching, (d) The evaporation 
of solutions containing sul¬ 
phuric and nitric acids until 
SO 3 fumes are given off can be 
accomplished with less danger 
of spattering, by heating the 
beaker in an air bath sho^^^l in I 
Fig. 23. This method is recom¬ 
mended for all evaporations | 
where time permits since it 
reduces losses to a minimum. 

The set-up consists of a 50 ml. pyrex beaker on which is placed a 
copper or nichrome triangle to support either a small beaker or 
crucible. By heating the 50 ml. beaker resting on a wire gauze, with 
a Tirrill burner, the air inside the beaker may be maintained at a 
fairly high and uniform temperature. 

The Centrifuge. For semimicro work we may use a small hand 
centrifuge supplied with a metal shield and cover (Fig. 24) to pro¬ 
tect the operator against personal injury. It should be started 
slowlyy brought to a maximum speed by a few turns of the handle 
and then allowed to come to rest of its own accord by releasing the 





Fig. 24 

handle. For the best results, however, it is preferable to use the 
electrically driven type such as that showui in Fig. 25. 

The electric, centrifuge is a costly piece of apparatus and must 
be carefully and intelligently handled. The following points should 
be kept in mind: 

- (1) The tubes to be used in the 

centrifuge should be inspected 
as to size and shape and then 
roughly tested on the trip 
scales as to weight. Only tubes 
having approximately the same 
weight should he used. 

(2) Before centrifuging, * re¬ 
move the stirring rod and then 
pi-epare another tube to bal¬ 
ance it. This is done by hold¬ 
ing both tubes in the left hand 
and then adding sufficient 
water to the empty tube from 
a medicine dropper until the 
liquid levels in both tubes are 
identical. (See Fig. 26.) 

* Tost-tubes should never be filled beyond J of an inch from the top; for other¬ 
wise there would be danger of their spilling in the machine. 
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(3) After inserting the tubes in diametrically opposite positions, 
be sure to lower the lid before turning on the current. 

(4) In setting the machine in motion move the rheostat arm 
slowly. For most work, it is neither necessary nor desirable to use 
the full speed of the centrifuge. 

(5) At the end of 30 seconds, 
slowly move the rheostat arm 
back to its initial position. 

Allow about 2 minute for tlie 
machine to come to rest and 
then raise the lid and remove 
the tubes, 

(6) Never leave the centil- 
fuge while it is in motion. If 
you hear a suspicious sound, 
or ol^serve that the machine 
is vibrating or becoming un¬ 
duly hot, turn off the current 
at once, and report the math’ir 
to the instructor. An unusual 
sound may be due to the break¬ 
ing of a test-tube; vibration 
indicates an unbalanced con¬ 
dition which if allowed to con¬ 
tinue would wear the bearings 
and necessitate expensive re¬ 
pair. 

Centrifuging and Filtration. 

The student has learned in his 
course in General Chemistry 
that a precipitate may be 
separated from a solution by 
the process of filtration. In 
this operation advantage is 
taken of the fact that the fine 
pores of a filter of unsized paper 
are smaller than the particles 
of the precipitates. When the precipitate and solution are poured 
on the filter, the latter retains the precipitate and allows the solu¬ 
tion to pass through. 



Fig. 26 
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The method of filtration, though time-consuming, is efficient for 
handling comparatively large precipitates and solutions such as are 
encountered in macro analysis. When, however, these are small as 
in semimicro work, this method of separation is invariably replaced 
by centrifuging. The use of the centrifuge not only effects a great 
saving of time but gives a better separation of precipitate from 
solution. Moreover, it permits of a more rapid and thorough 
washing of the precipitate (see below). 

In the process of centrifuging, the precipitate is compressed to a 
relatively small volume. By comparing this volume with that of 
a similar precipitate formed under the same conditions from a 
known quantity of the ion, an estimate may be made of the quan¬ 
tity of ion present in the unknown. 

Transfer of the Supernatant Solution. After centrifuging a 
mixture consisting of a precipitate and a solution, the former will 

be found at the bottom of 
the tube in a more or less 
compact state. Above it will 
be the clear solution. The 
removal of this supernatant 
solution is generally accom¬ 
plished by means of a cap¬ 
illary pipette as follows: The 
test-tube containing the 
precipitate is held at an angle in the left hand. The bulb of a 
capillary pipette, held between the thumb and forefinger of the 
right hand, is first compressed to drive out the air and then 
the capillary end is lowered into the tube until it is just below the 
liquid (Fig. 27). As the pressure on the bulb is slowly released, 
causing the liquid to rise in the pipette, the capillary is lowered 
further into the tube until all the liquid is removed. Care must 
be exercised as the capillary approaches the bottom of the tube 
that the tip docs not touch the precipitate and stir up the mixture. 
The solution in the pipette should always be perfectly clear. It 
is called the centrifugate or merely the solution and is transferred 
to another test-tube by simply compressing the bulb. 

Washing of the Precipitate. The precipitate left in the tube is 
wet with a solution containing the ions in the centrifugate. To 
remove these ions, the precipitate is washed, i.e., it is treated with 
a solvent which does not dissolve the precipitate but dilutes the 
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small quantity of solution adhering to the precipitate. Water is 
the usual reagent employed for this purpose. About 5 drops of 
water are added and the mixture is thoroughly stirred (see p. 230), 
balanced against another tube containing water to the same level 
and centrifuged. The water above the precipitate, called the 
washings, is carefully removed by means of a capillary pipette as 
previously described. The precipitate or residue in the tube is 
purer than it was before, but it is still wet — this time with a more 
dilute solution of the original centrifugate. By repeated washings, 
the quantity of ions left in the residue is reduced to a negligible 
amount. 


The Spectroscope 

The spectroscope is an optical instrument invented by Bunsen and 
Kirchhoff for the analysis of the light emitted by incandescent gases or va¬ 
pors. The usual laboratory 
type of this instrument is 
shown in Figure 28. It con¬ 
sists of three brass tubes and 
a prism mounted on a heavy 
disk and supported by a 
tripod. Tul)e A is a collimator 
containing an adjustiible slit 
S at one end and a lens at 
the other by means of which 
the rays coming through the 
slit are rendered parallel. In 
the center of the disk is a 
prism. B is Si telescope with 
an adjustable eye-piece, and 
C a small telescope containing 
at its principal focus a small 
transparent scale. The latter 
is illuminated by a small 
lamp, so that the image of the scale is reflected by the prism into the 
telescope B. 

Adjustment of the Spectroscope. With the ordinary laboratory spectro¬ 
scope in which the tubes and prism are fixed, this operation consists in 
placing a lighted Bunsen burner in front of the collimator so that the flame 
is at a distance of about 4 inches from the slit. By means of a platinum 
wire some NaCl is introduced into the lower part of the flame, and the 
tube containing the slit rotated until the sodium line, as seen through the 
telescope, is in a vertical position. The sodium line is next sharply focused 
by moving back and forth the sliding tubes of the telescope and collimator 



Fig. 28 



238 SEMIMICRO TECHNIQUE AND EQUIPMENT 


containing the slit. The latter is also adjusted.* Finally the scale is illumi¬ 
nated by placing in front of it a small gas burner or electric lamp, and the 
scale sharply focused. 

Direct Vision Spectroscope. This instrument has the advantage of being 
considerably smaller and more compact than the table type. It can be 
used either by holding it in the hands, or it may be clamped to a-ring stand. 
The instrument can be rapidly adjusted by directing it towards the win¬ 
dow, adjusting the slit and focusing the tube until the Fraunhofer lines 



appear sharply defined. Three or five prisms are used in this type of in¬ 
strument, (Fig. 29). 

Spectral Lines. If a sodium compound is introduced into the colorless 
Ihinsen flame, it colors it yellow. If this light is examined by means of the 
spectroscoi>e, a l)right yellow line — an image of the slit — will be ob¬ 
served. By narrowing the slit, the yellow line may be resolved into 2 fine 
yellow lines. Tlie mean wave length corresponding to these lines is 5893 
X 10“" millimeters. Since a ten-millionth of a millimeter (10“^ millimeters) 
is called an Angstrom unit, abbreviated A . U., the mean wave length of 
the sodium line is 5893 A, U. Or, since rufj, is generally used to designate a 
millionth of a millimeter (10“® mm.), 5893 A. U. = 589.3 wju. These 
yellow lines constitute the spectrum of sodium (see chart). Compounds of 
barium impart a yellowisli-green color to the Bunsen flame, and when 
the latter is examined spectroscopically, a number of colored lines are seen 
occupying definite positions relative to one another (see chart). The spec¬ 
trum shows the various wave lengths corresponding to the differently 
colored lights which are emitted by the incandescent vapor of the metal. 
Hence to yield a spectrum, the compound of the metal must be heated to a 
temperature sufficient to heat the vapor to incandescence. Most of the 
compounds of Li, Cs, Rb, K, Na, Ca, Ba, Sr, In and'Tl are sufficiently 
volatile to vaporize the metal in the Bunsen flame. For other metals, such 
as Mg, Fe and Co, we require a higher temperature such as can be supplied 
by the electric spark or arc. 

* For bright lines the slit should be made narrow in order that their positions on 
the scale may be accurately noted. To observe the faint lines it will be necessary to 
use a wider slit. 
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Scaling the Spectroscope. In order to reduce the scale readings to wave 
lengths, the scale readings of a number of lines are plotted as abscissae and 
the corresponding wave lengths as ordinates. By joining these points a 
curve is obtained showing the wave length for all intermediate positions 
(Fig. 30). 

The Spectroscope in Chemical Analysis. Each element gix es a charac¬ 
teristic spectrum by means of which it may be identified. The spectra of 



Scale Divisions 
Fig. 30 


the elements in mixtures do not in any way interfere with one another 
provided the slit is made sufficiently narrow for each color to appear as a 
line rather than as a band. The spe(Trosco[Xi is particularly serviceable in 
detecting minute traces of metals which are not detectable by the ordinary 
methods. Such elements as Li, Cs, Rb, In and Tl, which occur only in 
veiy small quantities, are usually detected by means of the sj)cctroscope. 

PREPARATORY WORK 

Checking In.* In the Appendix you will find a complete list of all the 
apparatus and chemicals needed in the course. Check off on this list each 
item as it is located. Articles that are missing and pieces of glassware that 
are broken, chipped, cracked, badly scratched, or etched, should be listed 
and set aside to be shown to the instructor for verification. 

Labeling and Filling Bottles. Examine the bottles to see if they are 
all clean. Rinse them with distilled water, label them and then fill them 

* For a more detailed description of a method of “checking in ” as well as “check¬ 
ing out“ see Appendix, p. 347. 
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with the appropriate reagents. Do not fill the bottle beyond the shoulder 
as space must be allowed for the dropper. When the bottles are filled, place 
them in the rack in alphabetical order. It is well to keep together the con¬ 
centrated acids and ammonia as well as the diluted acids. For a complete 
list see Appendix. 

Stirring Rods. From the glass rod supplied, which should be 2 mm. in 
fliamcter, pre[)are 4 rods of 4" in length and 2 of 2". Round the ends in the 
flame. 

Capillary Pipettes. If not supplied prepare 6 of them by following 
ilirections given on p. 224. 

Mounting of Platinum Wire. Hold in the Bunsen flame the end of a 
glass tube about 4" in length until it is almost completely sealed. Insert 
into the small o[)ening of the tube about one-(piarter of an inch of the wire. 
Heat the end of the tube until the glass melts and thickens around the end 
of wire. Allow it to cool. 

Calibrate droppers of dil. HCl and distilled water bottles (see p. 227). 

Checking Out. See Ap[)endix, p. 349. 

SOME GENERAL DIRECTIONS FOR LABORATORY 

WORK 

(1) Every piece of apparatus in your desk sliould have a definite place 
so that it can be readily found when needed. 

(2) Since tiie success of your analysis depends veiy largely upon the 
purity of your reagents, every possible precaution must be taken to keep 
them fioe from contamination. The glass stopper from the concentrated 
reagent bottle must not be placed on the desk-top but held between the 
fingers during the use of the reagent and finally r eplaced in the bottle to 
which it belongs. Acquire the habit of returning each reagent bottle to its 
proper place immediately after use. Read also (2), p. 229. 

(3) Before beginning an exi^eiiment, read the entire procedui’e and be 
sure that you understand the purpose of adding each reagent. Examine the 
label on the bottle before adding the reagent to make sure that you have 
taken the right bottle from the shelf. Serious errors leading to j)ei*sonal 
injury or (considerable loss of time may result from the use of the wrong 
reagent. 

(4) Do not converse with your neighbor while working. 

(5) All operatums resulting in the production of fumes or disagreeable 
gases must be performed under the hood. 

(6) Do not borrow reagents. The latter may be unreliable and may 
spoil your analysis. 

(7) Hot beakers must not be lifted with metallic tongs. The latter are 
attacked by acids and hence some of the metal may l^e introduced into 
your solution. Hot dishes may be lifted with the aid of a small piece of a 
clean towel. It is better, however, to allow the dish to cool. 

(8) In carrying out the procedures, be sure to use the exact quantities of 
the reagents ]>rescribed and to employ the vessels designated, if you desire 
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fTood results. Use a watch wherever a specified time is mentioned. Make 
no changes in the procedures without consulting the instructor. 

(9) Be sure to label properly all solutions and precipitates which must 
be carried over to the next period. 

(10) Record your observations briefly in your notebook immediately 
after each operation has been completed. For method of recording results 
see p. 353. 

(11) Consult your instructor when a result is obtained which you cannot 
explain even with the aid of all the information contained in your book. 

(12) In making a test which depends upon the formation of a pretapi- 
tate, it is essential that the solution to be tested as well as the reagent be 
absolutely clear^ i.e., free from suspended particles, visible with the naked 
eye. If this is not the case, centrifuge the solution and reagent. 

PRELIMINARY EXPERIMENTS 
GROUP 1. (THE SILVER GROUP) Ag+, Pb^ S Hgc++ 

Not£ to th£ Student. The f)urpose of preliminary experiments is to ac¬ 
quaint you in a practical way with the chief reactions of the ions considered 
in this course. These reactions are later utilized in the schemes of analysis. 
In carrying out these exj)eriments, consUini reference, shoidd be made to 
the descriptive section for full information concerning each reaction studied. 
The equation for each reaction will also be found in the descriptive part 
and should be thoroughly understood before proceeding with the analysis 
of the known and unknown solutions. 

Lead-ion, Pb++ 

1. Precipitation and Properties of PbCL. In a 4 ml.* test-tube treat 
2 drops of the test solution of Pb+-<^ with 2 drops of dilute HCl.t Note the 
nature, color and size of the precipitate. Write the ionic equation for the 
reaction. See Appendix, p. 353. Centrifuge the mixture balancing the tube 
with another similar tube containing the same volume of water (Fig. 26, p. 235). 
Remove the supernatant liquid (Fig. 27), called the centrifugate or solution 

* In the vaults of the International Bureau of Weights and Measures near Paris, 
there has been deposited a bar of platinum iridium which is universally recognized 
as the standard kilogram weight. It was the original intention that this standard 
weight should exactly balance 1000 cubic centimeters of water at 4”, thus making 
the liter a volume of 1000 cc. More refined measurements, however, have shown 
that the liter, i.e., the volume of water at 4° which will exactly counterbalance the 
standard kilogram weight, is not 1000 cc. but 1000.027 cc. Hence, 1 milliliter = 
1.000027 cc. Since the liter is the unit for measuring volumes of liquids, it is more 
consistent and accurate to use one milliliter as the thousandth part of a liter rather 
than one cubic centimeter. 

t The dilute HCl is 3 iV and hence contains 3 mg. equivalents of Cl” per ml. or 
per 20 drops. One drop of the acid therefore supplies 0.16 mg. equivalents. Two- 
drops of Pb"*”*" test-solution (since 1 drop = 0.06 ml.) =0.1 ml.; and since the 
test-solution contains 10 mg. of Pb*^"^ per ml., 2 drops will contain 1 mg. of Pb**"^ or 
= 0.01 mg. equivalent approximately. It is therefore evident that 2 drops 
of dilute HCl supply an excess. Verify this calculation by adding another drop of 
dilute HCl to the centrifugate obtained later. 
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to another test-tul>e, test it with another drop of dilute HCl to insure com¬ 
plete precipitation (see note, p. 241) and then reject the solution. To the 
precipitate, called the residue^ add 2 drops of water, stir and centrifuge. 
Reject the vsolution, called the washings. To the washed residue add 5 
drops of water, stir and set the tube in a boiling water bath. Stir while 
heating. Note that complete solution takes place (distinction from AgCl 
and Hg 2 Cl 2 ). To the solution add 1 drop of acetic acid and 1 drop of 
K 2 Cr() 4 . Write the equation for the reaction which takes place. In I’ecord- 

ing your notes, follow method 
given in the Ap{)endix. 

2. Influence of Concentration 
on the Precipitation of PbCla. In 
each of two 4 ml. test-tubes, dilute 
1 drop of the test-solution of Pb ^ ^ 
with 4 drops of water. Shake to 
insure thorough mixing.* To one 
tube add 1 drop of dilute HCl and 
note tliat no precipitate forms. 
To the other add 1 drop of acetic 
acid and 1 drop of K 2 Cr 04 . 

SlI.VER-ION, Ag+ 

Precipitation and Properties of 

AgCl. To 2 drops of the test- 
solution of Ag"*" in a 4 ml. test- 
tube add 2 drops of dilute HCl. 
Note the nature, color and size of 
the precipitate. Write the ionic 
equation. Centrifuge and reject 
the centrifugate. Wash the precij)itate by adding 2 drops of water, stirring 
and centrifuging. Reject the washings. Treat the residue of AgCl \\ ith 5 
drops of dilute NH 3 and stir till solution takes place. Write the equation. 
Now add dilute HNO3, drop by drop, stirring the mixture after each addi¬ 
tion until acid. The acid condition of the solution is determined as follows; 
A piece of l)lue litmus paper placed on a clean dry watch-glass is touched 
with the wet rod after the solution has been thoroughly mixed by stirring. 
If the paper turns red, the solution is acid. If the color does not change, 
more acid must be added to the solution and after thorough stirring, an¬ 
other test should be made. This operation is rej)eated until a di*op of the 
well-mixed solution turns the litmus paper red. Note the formation of a 
precipitate. What is it? Write the equation. The successive changes 
through which the Ag^ has passed may be represented as follows: 

Cl' NHb h* 

Ag-^ AgCl - Ag(NH 3 ) 2 + 4- Cl- - AgCl 4 - NH 4 + 

* Shaking a small quantity of solution in a test-tube is easily accomplished by 
holding tho tul>e loosely near the top by means of the thumb and index finger of 
the left hand and then tapping the lower part of the tube with the index finger of 
the right hand (see Fig. 81). 



Fig. 31 
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Mercurous-ion, Hg2^+ 

Precipitation and Properties of HgoCL. In a test-tube treat 2 drops of 
the test-solution of with 2 drops of dilute HCl. Note the nature, 

color and size of the precipitate. Write the equation. Centrifuge and reject 
solution. Wash the residue with 2 drops of water. Reject washings. To 
the residue add 2 drops of dilute NHa and stir the i)i’ecipitate. Note that 
the precipitate turns black. Write the equation. Centrifuge, and reject the 
solution. Add aqua regia (1 drop of conc^entrated llNO;j, 4 drops c()n(‘en- 
trated HCl) and set tube in water bath. Heat and stir till solution is com¬ 
plete. Ti’ansfer the solution to a 5 ml. beaker and carefully (see p. 2:-13) boil 
down just to dryness. Add 2 drops of water, transfer to a 2 ml, centrifuge 
tube and if not perfectly clear centrifuge. Transfer clear solution to a test-¬ 
tube and to it add 1 drop of perfectly clear reagent SnCh). Note the result. 
Write the equations for all the reactions. 

Cl" NHs jAqua Rrgm 

-. HgoCb— Hg(NH2)Cl + Hg-> [HgClJ" —> Hg 

Analysis of Known and Unknown Solutions. Analyze 1 ml. of the. 
known solution containing 2 mg. of Ag+, J mg. of Hgo^ ^ and (5 mg. of Pb"^ ^ 
according to directions given on p. 253. Recoi'fl your results in your notfv 
book following the plan given in the Appendix, p. 353. If a satisfactory test 
is obtained for each of the metals, ask your instructor for an unknown 
solution. Recoi'd the results of known and unknown in your notebook, fill 
out a report-card and hand it to your instructor. 

GROUP 2 . Hg(ic), Pb, Bi, Cu, Cd, As, Sb and Rn 

Action of Hydrogen Sulphide. Place 9 clean 4 ml. test-tul)es in your 
wooden block. It will be unnecessary to label ea(4i tube, if the holes in the 
block are numbered, or if the position of each tube is recorded in youi' note¬ 
book as follows: 1 Hg, 2 Pb, 3 ]?i, 4 Cu, 5 Cd, G As(ous), 7 As(ic), 8 Rb, 
9 Sn. Introduce 2 drops of each of the test-solutions of the respective metal 
ions into the appropriate test-tubes. Acidify the NaAsQo and Na 2 HAs 04 
with dilute HCl. By means of a capillary pipette, pass II 2 S for 3 minutes 
into 5 ml. of water. Add 0.5 ml.* of this solution to each of the test- 
tubes. Shake the mixtures and allow them to stand. Ob.serve the colors 
of the precipitates and write the equations for the reactions which take 
place. Note the difference in the behavior of trivalent and jientavalent 
arsenic towards H 28 (see p. 145). Consult the descriptive section for the 
properties of these sulphides and with the information so obtained, 
arrange in tabular form, using formulas, (a) the sulphides insoluble in 
KOH (Group 2A); (b) the sulphides soluble in KOH (Group 2 B). State 
in your notebook which sulphides of 2 A are soluble in hot dilute HNO 3 . 
Also mention the sulphides of 2 B which are soluble in strong HCl. Write 
the equation for the reaction which takes place in every case (a) where 
a sulphide dissolves in KOH; (b) wdiere a sulphide of 2 A dissolves in hot 
dilute HNO3; (c) where a sulphide of 2 B dissolves in strong HCl. 

* With a file make a scratch on a dropper to show the level at which it will hold 
0.5 ml. of water. Use this dropper in adding 0.5 ml. of the solution to each tuVxj. 
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SPECIAL TESTS FOR THE METAL IONS OF GROUP 2 

Mercuric-ion, Hg^*^ 

Reduction with SnCU. To 2 drops of test-solution of Hg+"^ in a test- 
tube add 1 drop of SnCL. Note the changes in color of the precipitate from 
white to gray to black. Write the equations for the successive reactions 
which take place. 

Bismuth-ion, Bi^"^ 

1. Action of Water. In a test-tube treat 1 drop of the clear test-solution 
of Bi^*^ with 0.5 ml. of water. Note the result and write the equation. 
Now add several drops of concentrated HCl and note that the precipitate 
dissolves showing the reaction to be completely reversible. 

2. Precipitation of Bi(OH )3 and Reaction with Sn(OH) 3 “ To 2 drops 
of Bi'^'*' test-solution, add dilute NHs dropwise until precipitation takes 
place. Now add 5 drops in excess and stir. Write the equation. Note that 
the precipitate is insoluble in excess. Can NIL be used to distinguish 
Pb"*"^ from Bi'*"'^"^? Centrifuge the mixture and reject the solution. In a 
separate test-tube prei)are a little sodium stannite solution as follows: To 
1 drop of SnCL add 1 drop of water. Now add NaOII, drop by drop with 
shaking, until a precipitate of Sn(OH )2 forms; then add more NaOH with 
shaking until the precipitate just dissolves. Add this solution to the 
Bi(OH) 3 . The black precipitate formed in the reaction is Bi. Write the 
equation. 

Copper-ion, Cu'^'^ 

1 . Action of Ammonia. To 2 drops of test-solution of Cu'*'"'" add 2 drops 
of very dilute NH 3 solution (prepared by mixing in a separate test-tube 

1 drop of 3 A NH3 with 1 ml. of water) and note the result. Write the equa¬ 
tion. Now add several drops of 3 N NIL and note the deep blue solution 
that forms. Write the equation. Compare the behavior of Cu*^*^ with that 
of BU'*'"*" towards ammonia. 

2. The Behavior of Cu(CN) 3 '“ towards H 2 S. In a small test-tube, dilute 

2 drops of test-solution with 0.5 ml. of water. Add 2~3 drops of dilute 
NHa (3 N). By means of a micro spatula add a few crystals of NaCN with 
stirring until the color is discharged. Caution: Do not allow the salt to come 
in contact with the hands. If through carelessness tliis does happen, wash 
your hands immediately and thoroughly with water. The Cu(NH 3 ) 4 '^"'' has 
been converted by the NaCN treatment into the more stable complex ion 
Cu(CN) 3 “. Write the equation for this reaction (see p. 140). Add another 
crystal or two of NaCN to provide a slight excess and then treat the solu¬ 
tion with H 2 S. Note that no precipitate forms. 

Cadmium-ion, Cd*^"^ 

1. Formation of Cadmium Ammonia Complex Ion. To 2 drops of the 
test-solution of Cd**"^ add 1 drop of dilute NHa, Note the formation of a 
precipitate. Write the equation. Now add several drops of concentrated 
NHs and note that the precipitate dissolves. Write the equation. 
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2. The Behavior of Cd(CN) 4 '“ towards H 2 S. In a test-tube treat 2 drops 
of the test-solution of with concentrated NHs until the precipitate 
which forms redissolves. The solution containsithe cadmium in the form of 
Cd(NH 3 ) 4 '^‘^. Now add NaCN in slight excess (for details and precautions 
see experiment 2 under Copper). Write the equation for the conversion of 
Cd(NH 3 ) 4 '^*^ to Cd(CN) 4 “'. Treat the solution with H 2 S. Observe that a 
precipitate of CdS forms. Write the equation. Explain the difference in 
the behavior of copper and cadmium cyanide complexes towards H 2 S (see 
reaction 3, p. 141). 

Arsenate-ion, H2As04“ 

1. Action of Silver Nitrate. To 2 drops of the test-solution of arsenate 
add 1 drop of AgNOs. Note the nature and color of the precipitate which 
forms. Does it dissolve in dilute HNO3? Write the equation. 

2. Precipitation of AS 2 S 5 from a Solution of H 2 As 04 ~. In a test-tube di¬ 
lute 2 drops of the test-solution of arsenate ion with 3 drops of water. Now 
add 5 drops of concentrated HCl. Heat to boiling in the water bath and 
then treat with H 2 S for several minutes. If no precipitate forms heat again. 
The precipitation of arsenic as a mixture of AS 2 S 3 and AS 2 S 5 is complete 
under these conditions. The equation for the formation of AS 2 S 5 is 

2 H 2 ASO 4 - + 5 H 2 S + 2 H+ AS 2 S 5 + 8 H 2 O 

CULOROANTIMONITE-ION, SbCle"” 

1. Hydrolysis of Antimony Salts. To 2 drops of the test-solution of 
SbCle® add water drop by drop till precipitation takes place. Write the 
equation. State the conditions favoring this reaction. Now add concen¬ 
trated HCl drop by drop witli shaking and note that the precipitate dis¬ 
solves. Write the equation. 

2. Reduction with a Pt-Sn Couple. In a depression of a spot plate, treat 
1 drop of the test-solution of SbCle"' with 5 drops of dilute HCl. Fold a 
small piece of tin foil about in. s(|uare over one corner of the Pt foil and 
introduce the couple into a depression of the spot plate. Be sure that the tin 
and platinum remain in close contact. Note the formation of a black 
deposit on the platinum. Write the equation. Remove the Pt foil, rinse 
with water, transfer to a clean beaker, add a little cone. HNO3, rinse again 
with water and dry. 


Chlorostannate-ion, SnCle* 

Flame Test. In a depression of a spot plate treat 1 drop of chlorostan- 
nate ion test-solution with 5 drops of dilute HCl. Dip the lower end of a 
small test-tube containing some cold water into the tin solution and then 
introduce it into the non-lurninous Bunsen flame. Note the blue flame 
mantle forming on the heated surface of the tube. If the blue flame is not 
seen the first time, dip the tube again into the solution and heat it in the 
flame (see p. 151). 

Analysis of Known and Unknown Solutions for the Metals ot Group 2. 
Introduce into a 10 ml. beaker, 1 ml. of the known solution containing 
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2 mg. each of Hg++, and Cu++, 5 mg. Cd++, 2 mg. each of As 

as HAs 02 and Sb as SbCle® and 5 mg. Sn as SnCle”'. Analyze it for Group 2 
metals beginning on p. 25>. Record your results in your notebook. If a 
satisfactory test is obtained for each metal, ask your instructor for un¬ 
known No. 2 and analyze it for the metals of Group 2. Record your re¬ 
sults in your notebook. Fill out a report-card and hand it to your in¬ 
structor. 

GROUP 3. AU+^ Cr+++, Fe'+, Fe++G Ni+^, Co+^ Mn++ and Zn++ 

Action of 

1. Place 8 clean 4 ml. test-tubes in your wooden block in the following 
order: 1 Al, 2 Cr, 3 Fe(ous), 4 Fe(ic), 5 Ni, 6 Co, 7 Mn, 8 Zn. Introduce 
2 drops of each of the test-solutions of the respective metal ions into the 
appropriate test-tubes.* Now add 1 drop of dilute NIL to each tube except 
that containing the Ni^"^. For the latter prepare a more dilute solution of 
NH 3 by mixing in a tube 5 drops of dilute NH3 and 5 drops of water. Add 
1 drop of this 1.5 A NIL to the nickel ion solution and shake the mixture. 
Note the formation of a precipitate. To all the tubes except that contain¬ 
ing the add 5 droi)s of 3 N NIL and to the tube (jontaining Co^'*' add 
3-5 drops of concentrated NH3. Note which precipitates dissolve in excess 
of NH3 and write all the ociuations. 

Note. Ammonia precipitates the trivalent ions of this group in the form 
of hydroxides. These are sligiitly soluble in excess of the reagent with the 
exception of Fe(OH) 3 . NH 3 also precipitates the divalent ions as hydrox¬ 
ides. The latter, with the exception of Mn(OH )2 and Fe(OH) 2 , are soluble 
in excess of the reagent due to the formation of complex ammonia cations.t 
In the presence of a sufficient quantity of ammonium salts, NH3 does not 
precipitate any of the divalent ions of this group. The solution of the man¬ 
ganese obtained under these conditions undergoes oxidation on exposure 
to the air, resulting in the slow precipitation of MnO(OH) 2 . 

Action of NaOH 

2. To 2 drops of each of the test-solutions of the metal ions of this group 
(see experiment 1 above for procedure) add 1 drop of 3 M NaOH (dilute 
5 drops of 6 M NaOH with 5 drops of water). Observe what happens, and 
write the equations. Now add an excess of 6 M NaOH and observe which 
precipitates dissolve in excess. Write the equations for those cases in 
which the precipitates dissolve in excess of the reagent. 

Note. NaOH precipitates all the metal ions of this group in the form of 
hydroxides; the latter are insoluble in excess of the reagent with the ex¬ 
ception of those of Al, Cr and Zn. 

♦The test-solution of Fe^^ should be freshly prepared by dissolving 1 g. of 
FeS 04 (H20)7 in 20 ml. of water. The solution will have a strength of 10 mg. of 
Fe^"^ per ml. 

t In the case of Co'*'^, due to partial oxidation to by the air, a small greenish 

flocculent precipitate forms. 
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Action of (NH,)2S 

Prepare (NH 4 ) 2 S by diluting 0.5 ml. of dilute NH 3 with an equal volume 
of water and then pass H 2 S into the solution for 2 minutes. 

3. To 2 drops of each of the test-solutions of the cations of this group add 
1 drop of (NH 4 ) 2 S. Note the results and write the eciuations. All the cat¬ 
ions of this group are precipitated as sulphides except AP+^ and 
which are precipitated as hydroxides. Explain this. Now add 3 5 drops of 
dilute HCl (do not warm). Observe that all the precij)itates dissoh’o ex¬ 
cept NiS and CoS. Write the equations for all of the above reactions. 


SPECIAL TESTS FOR THE METAL IONS OF GROUP 3 
Aluminum-ion, 

Formation of Aluminate Ion and Its Decomposition by HCl. To 2 drops 
of the test-solution of AP+'^, add 1 drop of NaOH and then several drops 
in excess until the precipitated Al(OH )3 redissolves. Write the equations. 
Now acidify the solution with dilute HCl and add an excess until the pre¬ 
cipitate dissolves. Add dilute NH 3 till alkaline. Note the reprecipitation 
of A1(0H)3. Can you explain the fact that NH 3 does not precipitate 
A1(0H)3 from a solution of Al(OH)4~? 

Chromium-ion, Cr^^"^ 

1. Oxidation of to CriO?*”. In a 4 ml. test-tube treat 1 drop of 
Cr'*"*''*" test-solution with 4 drops of cone. HNO 3 . Place the tube in the 
boiling water bath for several minutes. Carefully transfer the test-tube to 
the rack. By means of a paper scoop, add 50 mg. of KCIO 3 and heat again 
in the water bath. Note as the heating progresses that the color of the 
solution changes to orange yellow. Write the cciuation for the reaction. 

2. Oxidation of Cr 207 ” to Perchromic Acid. In a 10 ml. graduate dilute 
1 drop of reagent K 2 Cr 04 solution with 10 ml. of water. Mix the solution 
by pouring it into a small beaker and then back again into the graduate. 
Repeat this several times to insure a uniform solution. Note that the 
solution is yellow. What is its concentration in mg. per ml.? Transfer 
about 1 ml. of this solution to a test-tube, add 1 drop of dilute HNOs and 
1 drop of 3% H 2 O 2 . Note the blue color. 

Ferrous-ion, Fe'*'+ 

1. Action of CNS". To 2 drops of a freshly prepared test-solution of 
Fe^"^ (see footnote, p. 246), add 1 drop of dilute HCl, 5 drops of water and 2 
drops of KCNS. Note faint red color. Can you explain this? 

2. Effect of Fe(CN)6“. To 2 drops of the test-solution of Fe'^+ add 1 drop 
of dilute HCl, 5 drops of water and 2 drops of a freshly prepared K 3 Fe(CN )6 
solution. Note the result and write the equation. 

3. Action of Fe(CN)6"“. To 2 drops of the test-solution of Fe^^ add 1 
drop of dilute HCl, 5 drops of water and 1 drop of K 4 Fe(CN) 8 . Note the 
result. 
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Ferric-ion, 

1. Deportment with Fe(CN)6*‘". (a) To 1 drop of the test-solution of 
Fe'^'^"'" add 1 drop of dilute HCl and 1 drop of K 4 Fe(CN)fl. Note the result 
and write the ecpiation. 

(b) To 1 drop of the test-solution of Fe'^'^''" in a 10 ml. graduate add 1 
drop of dilute HCl. Dilute with water to 10 ml. and mix thoroughly. To 
5 drops of this diluted solution add I drop of dilute HCl and 1 drop of 
K 4 Fe(CN) 6 . Note blue solution. Reserve the diluted test-solution for 
experiment 2b. 

2. Action of CNS“. (a) To 1 drop of Fe"*"^ test-solution add 1 drop of 
dilute HCl and 1 drop of KCNS. N(4e opaque red solution. 

(b) To 5 drops of diluted test-solution reserved in lb, add 1 drop of dilute 
HCl and 1 drop of KCNS. Note red transparent solution. 

3. Oxidation of to Fe+^^ by Means of H 2 O 2 . To 4 drops of Fe^+ 
test-solution add 2 drops of dilute H 2 SO 4 and 1 drop of H 2 O 2 . Heat in the 
water bath for several minutes. Note the change in the color of the solu¬ 
tion. Write the equation. Divide the solution into two portions. To one 
add 1 drop of KCNS and to the other 1 drop of K 4 Fe(CN) 6 . Explain your 
results. Mention two other oxidants which may be used to oxidize Fe'*"^. 

4. Action of H 2 S. To 2 drops of Fe'^ '^'^ test-solution contained in a test- 
tube, add 1 drop of dilute HCl. Treat with H 2 B. Write the equation. Why 
does the solution become turbid? What other reductants may be employed 
to reduce Fe''"^'^? 

Nickel and Cobalt Ions 

1. Reaction with Dimethylglyoxime. To 2-drop portions of the test- 

solutions of Ni'*""*' and Co"^"^ in separate test-tubes add 2 drops of water and 
sufficient NaOH to make each alkaline; then add 1 drop in excess. Now 
make each distinctly acid with acetic acid and add 1 drop of dimethylgly¬ 
oxime. Comi)arc the results. Write the ecpiation for the reaction that takes 
place in the tube containing the Ni'*"^. 

2. Effect of KINO 2 . To 2-drop portions of the test-solutions of Ni'^'*' and 
Co'^'*" in sej arate test-tubes, add 1 drop of acetic acid and 2 drops of 
KNO 2 . Warm the tubes in th.e water bath. Record results and write 
equations. 

3. Bead Tests, (a) To 2-drop portions of test-solutions of Ni"^”^’ and 
Co'^'^ in separate test-tuV)es add 1 drop of NaOH. Centrifuge and reject 
the solution. Prepare a borax bead and take up on it a little of the Co (OH) 2 . 
Heat in the oxidizing flame until the bead is thoroughly fused. Cool and 
note the blue color. Do the same for Ni(OH )2 and note the result. 

(b) In a test-tube mix 2 drops of the test-solution of Ni"^^ and 1 drop of 
Co^"^ test-solution. Note the color of the resulting solution. Add 2 drops 
of NaOH, centrifuge, and reject the solution. Test the precipitate with a 
borax bead and note the result. 

Manganese-ion, Mn++ 

L Precipitation of Mn02. In a test-tube treat 2 drops of the test- 
solution of Mn++ with 5 drops of concentrated HNO 3 . Set in the water 
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bath. When the solution begins to boil, remove flame and transfer tube 
to the rack. Add 50 mg. KCIO 3 from a paper scoop, return the tube to 
the water bath and continue to heat at the tailing temperature for 1 min¬ 
ute. Note the dark brown precipitate of Mn02. Centrifuge and discard 
the solution. Reserve the residue for experiment 2. 

2. Bead Test for with Na 2 C 03 and an Oiddant Prepare a N auCOs 
bead. Introduce into the latter a little of the precipitate reserved in 1 and 
heat in the flame until thoroughly fused. Dip the hot bead into a small 
quantity of powdered KCIO3 contained on a watch-glass and heat the 
bead again for a minute. The green mass is Na 2 Mn 04 . Write the equa¬ 
tion. 

3. Oxidation of Mn++ to Mn 04 ~. To 2 drops of Mn++ test-solution add 
1 drop of NaOH. Add 2 drops of concentrated HNO3 and 3 ml. of water. 
Now add 50 mg. of NaBiOa, stir and centrifuge. The purple color of the 
solution IS due to the formation of permanganate ion. Write the equation. 

Zinc-ion, Zn^*^ 

Effect of Strongly Heating a Zn Compound Mixed with a Small Quantity 
of Co(N 03 ) 2 . In a depression of a spot plate mix 2 drops of Zn^"^ test- 
solution with 2 drops of 0.15 M Co(N03)2 (use test solution). Dip one 
end of a strip of filter pa{)cr 2" X i" into the liquid until the latter is 
nearly all absorbed. Holding the dry end with a forceps, hold the wet 
end in a flame and remove it as soon as it takes fire. Note the green 
color of the ash. 

Analysis of Known and Unknown Solutions. Following the procedure 
given in Scheme 3, analyze 1 ml. of a known solution containing 4 mg. each 
of AD'^, Cr+++ and Zn^"^ and 2 mg, each of Ni“*"^, Co'^’^ and Mn^'*’. 

Then analyze an unknown solution for Group 3. 


GROUP 4. THE ALKALINE EARTH IONS 
Ba++, Sr++ and Ca++ 

1. Deportment with (NH 4)200 3. To 2 drops of each of the test-solutions 
of Ba'^'*', Sr^"^ and Ca'^'*', contained in test-tubes, add 1 drop of (NH 4 ) 2 C 03 . 
Shake and note that the precipitates when first formed are gelatinous, but 
become crystalline on standing. Write the equations. Add 2 drops of acetic 
acid to each tube and note that all precipitates dissolve. Write the equa¬ 
tions. Reserve the solutions for the following experiment. 

2. Action of K 2 Cr 04 in Acetic Acid Solution. To each of the solutions 
reserved above, add 1 drop of K 2 Cr 04 . Note in which case a precipitate 
forms. Write the equation. 

3. The Effect of Dilute H 2 SO 4 . (a) To 2 drops of each of the test- 
solutions of Ba^, Sr"*^ and add 1 drop of dilute H2SO4. Note that 
no precipitate forms with Ca"^. Write the equations. 

(6) In a small beaker dilute 1 drop of Sr"'"'^ test-solution with 5 ml. of 
water. Mix thoroughly. To 2 drops of this solution add 1 drop of dilute 
H2SO4 and note that no precipitate forms. 
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(c) Repeat (b) using 1 drop of test-solution. Note the fine precip¬ 
itate which slowly forms. 

4, Deportment with (NH 4)2020 4 . (a) To 1 drop of each of the test- 
solutions of Ba+^, and Ca'^'^ add 1 drop of (NH 4 ) 2 C 204 . Note that a 
precipitate forms in each case. Write the equations. 

(b) To 1 drop of each of the test-solutions of this group, add 1 ml. of 
water. Mix well. Now add 1 drop of (NH 4 ) 2 C 204 and allow the solutions 
to stand. Note results. What can you say about the solubility of these 
salts? 

6 . The Effect of Adding Na 2 HP 04 . To 1 drop of each of the test- 
solutions of this group add 1 drop of Na 2 HP 04 . Note the results and write 
the equations. 

6. Action of K 4 Fe(CN )6 and NH4CI on 81 +-^ and Ca++. In separate 
test-tuljes treat 2 drop-portions of tlie tt^st-solutions of Sr'*'^ and with 
2 drops of dilute NH3, 3 drops of NH4CI (1 ml. = 200 mg. NH 4 CI) and 
4 drops of K4Fe(CN)6. Heat in the water bath. Note the formation of a 
precipitate in the tube containing Ca+"^. 

7. Flame Reactions and Spectroscopic Tests, (a) Place 2 drops of the 
test-solution of Ba'*'^ in a depression of a spot plate. Dip into it a clean 
platinum wire (the end of which has been formed into a loop) and intro¬ 
duce the wire into the Bunsen flame. Note the coloration. Examine the 
flame with a table or a direct vision spectroscope and note the colors and 
relative positions of the {)rominent lines. 

(6) Put 2 drops of concentrated HC’^l in another depression of the spot 
plate. Dip the platinum wire into tlie acid and then hold it in the flame. 
Repeat these operations until the wire imparts no color to the flame. With 
the clean wire repeat experiinent (a) using 2 drops of Sr'^ test-solution. 

(c) Clean the wire and repeat exi)eriment {a) using 2 drops of Ca'^'*’ test- 
solution. 

(d) In a depression of a spot plate mix 2 drops of each of the test-solu¬ 
tions of this group and 1 drop of concentrated HCl. Dip the wire into the 
solution and hold it in the flame. Note that the colorations do not all 
appear at the same time. 

GROUP 5. THE ALKALI METALS AND MAGNESIUM 
K+ Na+, NH 4 + and Mg++ 

Magnesium-ion, Mg^"^ 

Why is Mg"^*^ included in this group? 

1. Behavior towards NH 3 . To 2 drops of Mg'^'*" test-solution add 1 
drop of dilute NH3 and then 2 drops in excess. Note the result and write 
the equation. Explain why the precipitation is not complete. 

2. Effect of NaOH. Treat 2 drops of the test-solution of Mg^+ with 
1 drop of NaOH and then add 2 drops in excess., Note the result and write 
the equation. 

3. Deportment with (NH 4 ) 2003 . Dilute 2 droj^s of Mg++ test-solution 
with 5 drops of water. Add 2 drops of (NH 4 ) 2 C 03 and heat in a water bath 
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for several minutes. Note the formation of a precipitate. Write the 
equation. 

4. Action of (NH 4 ) 2 C 03 in the Presence of NH 4 CI. Repeat experiment 
3 adding 4 drops of NH 4 CI (1 ml. = 200 mg. NH 4 CI) before the 
(NH 4 ) 2 C 08 . Note that no precipitate forms. Of what analytical im¬ 
portance is tliis result? Write the equation; show how the concentration 
of CO 3 ” derived from (NH 4 ) 2 C 03 is lowered by the presence of NH 4 '''. 

6 . Effect of Na 2 HP 04 . To 2 drops of Mg^+ test-solution add 2 drops of 
water and 2 drops of Na 2 HP 04 . Note the result and write the equation. 

6 . Action of Na 2 HP 04 in the Presence of NH 3 . Dilute 2 drops of Mg^ ^ 
test-solution with 3 drops of water. Add 2 drops of NH 4 CI (1 ml. == 200 
mg. NH 4 CI) and 2 drops of dilute NH 3 . Observe that the solution is clear. 
Now add 1 drop of Na 2 HP 04 . Note the result and write the equation. 

7. Sensitivity of the NH 4 MgP 04 Test In a small beaker dilute 1 drop 
of Mg"*"^ test-vsolution with 10 ml. of water. Mix thoroughly. To 5 drops 
of this diluted solution contained in a small test-tube add 2 drops of 
NH 4 CI, 2 drops of dilute NII 3 and 1 drop of Na 2 HP 04 . Shake the mixture 
and note the formation of a crystalline precipitate. Render the solution 
acid with acetic acid. Does the precipitate dissolve? Write the equation. 
Note the conditions favorable for the formation of NH 4 MgP 04 . 

8. Mg Lake Test. Dilute 1 drop of Mg*^ * test-solution with 5 drops of 
water. Add 1 drop of dilute HCl and 1 drop of Mg reagent. Now add 
NaOH dropwise with stirring until the mixture is alkaline. Note the 
formation of a sky-blue precipitate. 

K+, NIL^ and Na+ 

1. Deportment with Na3Co(N02)«. To 2 drops of each of the test- 
solutions of K"^, NH 4 '^ and Na'^', contained in separate test-tubes, add 1 
drop of acetic acid and 1 drop of Na.3Co(N02)6. Note the results and write 
the equations. 

2. Action of Sodium Reagent. In separate test-tubes treat 1 drop of 
each of the test-solutions of Na^ and K+ with 5 drops of the sodium 
reagent. Shake the mixtures vigorously and allow them to stand for 10 
minutes. Note the yellow crystalline precipitate which forms only in the 
tube containing Na^. What is the formula of the })recipitate? 

3. Effect of Heating to a Temperature Just Below a Red Heat. In a 
10 ml. porcelain crucible evaporate to dryness 5 drops of NH 4 ‘^ test-solu¬ 
tion. Support the crucible on a triangle and then heat below a red heat, 
heating the walls as well as the bottom of the crucible. Note that all the 
salt is volatilized. 

4. Repeat experiment 3 using 5 drops of Na+ test-solution and note the 
result. The same result is obtained with K salts. 

6 . Flame Reactions, (a) Put 2 drops of test-solution into a de¬ 
pression of a spot plate. Dip the loop of a clean platinum wire into the solu¬ 
tion and then hold it in the Bunsen flame. Note the coloration. 

(b) Clean the platinum wire as described in 7ft, p. 250, and rejxmt ex¬ 
periment (a) above, using 2 drops of Na"^ test-solution. Note the results. 
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(c) Repeat experiment (a) using a mixture of 3 drops of test-solution 
and 1 drop of solution. 

6* Special Test for Introduce 2 drops of the test-solution of 

NH 4 "^ into a 6 ml. beaker. On the convex side of a 3.5 cm. watch-glass 
place a small piece of red litmus paper that has been moistened with wator. 
Now add NaOH to the beaker dropwise (2-3 drops will suffice) with stir¬ 
ring until the mixture is decidedly alkaline. Cover the beaker with the 
watch glass and allow it to stand for 5 minutes. Note that the litmus 
paper turns blue and that on removing the watch-glass the odor of NIL is 
perceptible. 

Analysis of Known and Unknown Solutions.* Following the proce¬ 
dures given in Schemes 4 and 5, analyze 1 ml. of the known solution con¬ 
taining 5 mg. each of , Sr"*"^ and Ca"^^ and 2 mg. each of Na^^, 

and NH 4 '^. Then analyze an unknown for Groups 4 and 5. If your 
report for this unknown is satisfactory, ask your instructor for an unknown 
to be analyzed for all groups 


THE ANALYSIS FOR METAL IONS 

GROUP 1. DISCUSSION OF THE METHOD 
OF ANALYSIS 

In the separation of the metal ions of Group 1 from those of other 
groups, advantage is taken of the fact that of the normal chlorides of the 
common metals, only those of Ag, Hg(ous) and Pb are practically insoluble 
in water. Hence, on adding chloride ion, preferably in the form of dilute 
HCl,t to the solution containing the ions of Ag^, Hg 2 '^'^ and Pb"’"^', a pre¬ 
cipitate will form consisting of AgCl, Hg 2 Cl 2 and PbCL. Owing to the 
relatively large value of the S. P. constant of PbCL, the latter will not 
precipitate unless the Cpb>^+ is moderately large; for a similar reason, Pb"*“'^ 
when present in large amounts will not be as completely precipitated by 
chloride ion as either Ag"^ or Hg 2 ^'^. Hence Pb'^'*' cannot be completely 
precipitated in Group 1. 

The separation of the ions of this group is based on the following facts: 

(1) The solubility of PbCL in hot water. 

( 2 ) The solubility of AgCl in NH 3 , owing to the formation of the com- 
{)lex ion Ag(NH 3 ) 2 '^. 

The addition of NH3 not only dissolves AgCl but also supplies an in¬ 
dication of the presence of Hg 2 Cl 2 by converting the latter into the black 
mixture of Hg and Hg(NH 2 )Cl. If the change in color is not decided, the 
black mixture may be taken into solution by means of oqua regia; the 
excess of the latter is destroyed by boiling and the resulting solution con¬ 
taining HgCL” is tested with SnCL. 

* Since the known and unknown solutions contain no additional NH4CI, it will 
be necessary, after testing a separate portion for NHi, to add 100 mg. NH4CI to the 
solution before precipitating Group 4. 

t HCl rather than NH4CI is employed as a precipitant for the reason that the 
former will prevent the formation of the insoluble oxychlorides of Bi and Sb. 
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It is the purpose of a qualitative analysis not only to determine which 
ions are present in a given unknown, but also to establish, though roughly, 
their relative proportions. To this end a definite quantity of the unknown 
should be taken for the analysis. For salts, a convenient quantity is 50 mg.; 
in the case of solutions, such a volume should be taken as will contain 
50 mg. of solid when the solution is evaporated to dryness. Throughout 
this book it is assumed that the maximum quantity of all the metals 
present in the sample taken for analysis is 25 mg. Now the smaller the 
equivalent of a given ion, the larger will be the number of mg. ecpiivalents 
contained in a given weight of it and hence the larger the volume of HCl 
required to precipitate it. The element of Group 1 with the lowest equiva> 
lent is Pb == 207/2 = 104 approximately; hence if we calculate how much 
HCl is required to precipitate 25 mg. Pb^"*", we shall have the maximum 
volume of HCl theoretically required to precipitate all the metal ions that 
can be present in Group 1. In 25 mg. Pb there are 25/104 = 0.24 mg. 
equivalents and these in turn will require 0.24 mg. equivalents of HCl. 
Now our dil. HCl is 3 A, that is to say it contains 3 mg. ec^uivalents of 
HCl per ml. Hence the volume of dil. 11(3 required to yield 0.24 mg. 
equivalents can be ascertained from the following proportion. 


1 ml. 

3 mg. eq. 


X 

().'24 


whence x = 0.08 ml. or 1.6 drops. 


Since it is always desirable to add a slight excess, 3 drops will be ample. 

In the case of the known solution, the volume of 3 N HCl theoretically 
required can easily be calculated by first determining the total number of 
mg. equivalents of cation present. This will bo the sum of the following: 
6/104, 2/108 and 1/200 = 0.06 -f 0.02 + 0.005 = 0.085 mg. equivalents 
approximately. Hence the volume of 3 M HCl required will be 0.085/3 
*= 0.03 ml. approximately. 

A slight excess of HCl not only renders the precipitation of the chlorides 
more complete (common ion effect) but it also prevents the precipitation of 
BiOCl and SbOCl. A large excess of dilute HCl is to be avoided since it 
would increase the solubility of the precipitated chlorides by forming 
complex ions. 

(2) The solution is vigorously stirred for 2 minutes because of the tend¬ 
ency of PbCL to form a supersaturated solution. 

That precipitation is complete may be ascertained either by allowing the 
precipitate to settle and then carefully adding a drop of dilute HCl to the 
supernatant liquid; or if the precipitate does not settle, by centrifuging the 
mixture and then adding a few drops of the precipitant to the clear solu¬ 
tion. If precipitation is incomplete, more HCl must be added to the orig¬ 
inal mixture until the test shovrs that precipitation is complete. 

Group precipitations must always be made complete. Failure to do so 
will result in 2 types of errors: (1) metal ions present in small quantity 
may not precipitate and hence will be missed; (2) metal ions left unpre¬ 
cipitated will pass into the next group and either interfere with the detec¬ 
tion of certain metal ions of that group, thus causing them to be missed, 
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or else the misplaced metal ions will give tests on the basis of which certain 
metal ions will be erroneously reported present. 

(3) The presence of a high concentration of HNO3 interferes with the 
precipitation of PbCl 2 by dilute HCl. Thus in a volume of 1.3 ml. con¬ 
taining 6 drops of cone. IINO3, 3 drops of dilute HCl failed to give a pre¬ 
cipitate of PbCL when the wsolution contained 20 mg. Pb"^^. 

A large concentration of Hg(N 03)2 interferes with the precipitation of 
the chlorides of this group, owing to the formation of slightly ionized 
HgCL or HgCU”. This interference may be overcome by adding a slightly 
larger excess of dil. HCl. 

(4) The precipitate is washed with dilute HCl instead of water because 
PbCL is less soluble in dilute HCl than in water. 

(5) Any Cu”^**" left in the Group 1 precipitate will appear in the water 
extract containing the Pb’'"^. The addition of acetic acid prevents the 
formation of a flocculent precipitate of CuCr 04 when the K 2 Cr 04 is added. 

(6) When it is directed to render a solution acid or alkaline, some in¬ 
dicator such as litmus paper must be used. The procedure is as follows: 
Place a piece of litmus paper on a clean dry watch-glass. To the solution 
to be tested, add the acid or base dropwise with constant stirring until the 
wet rod when brought in contact with a dry spot of the litmus paper causes 
the latter to change decidedly in color. It is not good practice to place the 
litmus into the solution, since its presence interferes with certain color 
tests, and moreover, by yielding paper shreds, it interferes with the clarity 
of the solution. When in special cases the volume of the base or acid to be 
added can be roughly calculated, a somewhat smaller quantity than the 
estimated amount may be added at once and the end point slowly ap¬ 
proached by adding the reagent dropwise as directed above. 

(7) If a large black precipitate is obtained showing the presence of much 
Hg, the test for Ag^ when present in relatively small amounts may be nega¬ 
tive, owing to the reduction of the AgCl by the Hg of the black mixture 
according to the reaction: 

2 X AgCl -fl e Ag -f- Cl- 
Hg -f 2 Cl- HgCL + 2 € 

2AgCl-f Hg^2Ag + HgCl2 

When, therefore, the test for Ag"^ is negative and the black precipitate 
large, a further test for Ag"*" should be made on the residue left after treat¬ 
ing the black precipitate with aqua regia^ as directed in note 10. 

(8) The concentrated HCl and HNOs are kept in glass stoppered bottles 
because of their corrosive action on rubber. Small quantities of these re¬ 
agents may be removed by means of the ordinary medicine dropper pro¬ 
vided care is exercised to prevent the reagent from being drawn into the 
rubber bulb of the dropper. This can easily be avoided by depressing the 
bulb only slightly before introducing the tip of the dropper into the reagent. 
Now on releasing the pressure on the bulb, only a small quantity of the 
acid will enter the tube. Do not return excess acid to original bottle. 

(9) The aqua regia solution of the black mixture contains, besides the 
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mercury as HgCL”, an excess of the solvent. The latter must Ijo destroyed 
by boiling because its presence would oxidize the stannous ion to SnCle"". 
Since the latter does not react with mercury ions, the test would be worth¬ 
less. The evaporation must not be carried to the point of dryness, otherwise 
the mercury will be entirely lost. 

The destruction of the aqua regia by prolonged boiling proceeds accord¬ 
ing to the following equation; 

N03“ -f Cl- 4 - 4 + 2 e ^ NOCl -f 2 H 2 O 

2 Cl- CI 2 -f- 2 r 

NO 3 - + 3 Cl- + 4 H+ NOCl 4- CL 4- 2 ILO 

The equation for the action of SnCL on HgClC is as follows: 

2 HgClr 4 - 2 c Hg 2 Cl 2 4- 6 Cl~ 

SrC+ -h 6 Cl- SnClr 4- 2 c 

2 HgClr 4- Sn+-^ ^ HgsCL 4- SnCV 

If an excess of SnCL is used, the HgaCL is further reduced to black Hg. 
For the equation see reaction 2 under Mercuric Ion, p. 137. 

(10) Any metallic silver left in the black residue will be converted by 
aqua regia into AgCl. However, due to the high concentration of HCl, the 
AgCl will remain in solution in the form of the complex ion AgCL*”. By 
diluting the solution, AgCl precipitates and may be separated at this point. 
If the residue is thoroughly washed with water, it may be dissolved in NH3 
and the AgCl reprecipitated from the ammoniacal solution by acidifying 
with nitric acid. 

GROUP 2 . GENERAL DISCUSSION 

1 . In systematic analysis, the centrifugate from Group 1 may contain 
all the compion metal ions which have not been precipitated by dilute 
HCl. If the acidity of this solution is adjusted so that the HCl concentra¬ 
tion is 0.3 M and then saturated with H 2 S, a precipitate forms consisting 
of the sulphides of Hg(ic), Pb, Bi, Cu, Cd, As, Sb and Sn. These metals 
are therefore classed together and collectively are known as Group 2 . 
Lead ion appears in tliis group because it is not completely precipitated in 
Group 1 .* Only the divalent mercury ion is included in this group, the 
monovalent ion being completely precipitated in Group 1. 

In precipitating the sulphides of this group, the acid concentration of 
the solution is exceedingly important. For if the PICl concentration is 
greater than 0.3 M, the sulphides of some of the metal ions will either not 
precipitate at all, or else will precipitate incompletely. This is notably the 
case with PbS, CdS and SnS 2 . On the other hand, if the acidity is too low, 
then along with the sulpliides of this group there will precipitate certain 

* While the quantity of which remains unprecipitated in Group 1 is very 
much reduced by the slight excess of HCl which is added, enough remains in solu¬ 
tion to yield a precipitate of PbS when the solution, after the adjustment of the 
acidity, is treated with HaS. This happens because the S. P. constant of PbS is 
considerably smaller than that of PbCl 2 . 
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sulphides of Group 3, such as ZnS, NiS and CoS.* It is an experimental 
fact that in 0.3 M HCI solution the metal ions of Group 2 may be separated 
from those of subsequent groups by means of H 2 S.t 

2. Theory of Precipitation with H 2 S. In order for a sulphide such as 
CdS to precipitate, it is necessary that the product of the molar concentra¬ 
tions of Cd^"** and S"" of the solution shall be greater numerically than the 
solubility product constant of CdS. Now the concentration of the cadmium 
ion ((7c(i++) is easily calculated. In water solution, H^S is a weak acid. Its 
S* concentration will therefore be reduced by the presence of a strong acid 
such as HCI (common ion effect). The higher the concentration of 
the smaller will be the Cs-. In a saturated aqueous solution of H 2 S at 
25°, Cs- havS a value of 1.2 X 10“*^ mole per liter (see p. 63). In the pres¬ 
ence of 0.3 M HCI, Cfl- is reduced to 1.2 X (see p. 66 for calculation). 
This concentration of though exceedingly small, is large enough for the 
S. P, constant of the most solui)le sulphide of Group 2 to be exceeded when 
as little as 0.05 mg. of the metal ion is present in 5 ml. of solution. It is, 
however, insufficient to reach the S. P. constant of the most insoluble sul¬ 
phide of Group 3 when as much as 32 mg. of the ion is present (see calcula¬ 
tion, p. 78). 

The solubility product principle and ionization theory not only afford a 
satisfactory explanation of the separation of the Group 2 sulphides from 
those of Group 3 by means of H 2 S in 0.3 M HCI solution, but also explain 
why a concentration of HCI greater than 0.3 M HCI will prevent or render 
incomplete the precipitation of certain sulphides of Grou}) 2. For the 
larger the concentration of HsO'^, the smaller will be the Cs- and the latter 
may become so small that the S. P. constants of certain sulphides, particu¬ 
larly those of relatively high values, will not be reached and hence these 
sulphides will not precipitate. On the other hand, in the case of those sul¬ 
phides of Group 2 with relatively small S. P. constants, a very low concen¬ 
tration of S” may still be sufficient for these 8. P. constants to be exceeded; 
but because of the low value of Cs-, the concentration of the metal ion 
(remaining in solution) must be relatively high in order to satisfy the S. P. 
constant. Hence these sulphides will be incompletely precipitated. 

Since the acid concentration of the centrifugate from Group 1 is generally 
unknown, our first task before treating the solution with H 2 S is to adjust 
the acidity. This is accomplished by neutralizing all the acid present by 
means of NH3, adding to the practically neutral solution 0.5 ml. of S M 
HCI, and then diluting the solution with water to a volume of 5 ml. For 
details see procedure, p. 260, 

* If the solution is neutral or alkaline, the sulphides of As, Sb and Sn will not 
be completely precipitated by H 2 S, owing to the formation of complex thio ions or 
colloidal solutions of the sulphides. The presence of HCI or rather HaO'*’ decom¬ 
poses the complex thio ions, coagulates the colloids and prevents the precipitation 
of the sulphides of Group 3. 

t This is but one of the great mass of analytical facts which were not discovered 
or predict^ by means of the ionization theory and solubility product principle. 
Chronologically, the facts preceded the theory. Qualitative Analysis was a well- 
organized art long before its scientific foundations wore explained for the first time 
by Ostwald in his Scientific Foundations of Analytical Chemistry, translated by 
G. McGowan (Macmillan and Co., 1900). 
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3. Interferences with the H 2 S Precipitation. Before adjusting the 
acidity of the solution preliminary to treating it with H 2 S, it is necessary 
to determine whether the solution contains any substances which may in¬ 
terfere with the action of ILS. Practically all these interferences are anions 
whose presence will have been indicated in the analysis for anions.* Thus 
the presence of oxidants such as chromates, chlorates, a high concentration 
cf nitric acid or aqua regia, will interfere with the analysis by oxidizing the 
H 2 S partly to 8 and jDartly to 804*". The formation of a large precipitate of 
sulphur will not only tend to mask the color of the metal sulphides but it 
will also n]echani(,a]ly olxstruct the analysis; while the presence of 8 O 4 ”" will 
cause the premature precipitation of the cations of Group 4 as sulphates.f 
Ferric salts interfere (reaction 3, p. 161), as do also sulphites (reaction 4, 

p. 188). 

It will be generally necessary to consider only the presence of excessive 
quantities of nitric acid and aqua regia employed as solvents of the original 
substance. For the removal of other interferences see p. 335. 

An excess of either HNO3 or aqua regia is removed by evaporating the 
solution to about 2 drops, adding 4 drops of cone. HCl and again evaporat¬ 
ing to about 2 drops. The solution is then diluted with dil. HCl and water. 

4. The Group 2 Precipitate. After the entire group has been precipitated 
by H 2 S, it is desirable, before proceeding with the identification of the in¬ 
dividual metal ions, to separate the group into two divisions by digesting 
the precipitate with potassium hydroxide J solution containing a little S“. 
Those metals whose sulphides are insoluble in KOH are known collectively 
as Group 2 ^ or the Copper group. They are Hg(ic),§ Pb, Bi, Cu and Cd. 
The remaining metals. As, 8 b and Sn,l[ whose sulphides dissolve in KOH 
to form complex ions, constitute Group 2 B or the Tin group. 

6 . The Copper Group (Group 2 ^4). The residue from the KOH treat¬ 
ment consisting of the sulphides of Group 2 A is next analyzed. The sepa¬ 
ration of the ions of this group is based on the following facts: (a) The abil¬ 
ity of hot dilute nitric acid to oxidize and thus take into solution all the 
sulphides of this sub-group with the exception of HgS. ( 6 ) The insolubility 
of PbS 04 in water and in dilute H2SO4. (c) The solubility of Cu( 0 H )2 and 
Cd( 0 H )2 in an excess of ammonia to form complex ions and the insolubility 
of Bi( 0 H )3 under the same conditions, (d) The greater instability of 
Cd(CN) 4 “ as compared with Cu(CN) 3 ”, causing the former alone to yield 
a precipitate of the sulphide when the solution, containing both complex 
cyanide ions, is treated with H 2 S. 

* It is because most of the anions interfere with the metal analysis, that the exam¬ 
ination for anions in systematic analysis should always precede the analysis for 
metals. See Curtman and Wigler, Chem. News, 139 (1929), 353. 

t Curtman and Frankel, J. A. C. S., 33 (1912), 724. 

t KOH instead of NaOH is used in order to avoid the formation of insoluble 
sodium antimonate. Curtman and Marcus, J. A. C, <S., 36 (1914), 1093. 

§ HgS is soluble in KOH containing sufficient sulphide ion. When, however, a 
large amount of the element is present, some remains undissolved and appears with 
the Copper group. 

^ Stannous sulphide is not completely soluble in KOH. Should the tin be present 
in the stannous state, which is rarely the case, it will be necessary to oxidize it with 
hydrogen peroxide. The latter oxidizes HA 8 O 2 only to a slight extent. 
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6. The Tin Group (Group 2 B), The KOH extract of the entire Group 2 
precipitate contains the thio and oxy ions of As, Sb and Sn as well as Hg 
as HgS 2 "’. On treatment with a slight excess of acid the sulphides are re¬ 
precipitated. 

The separation of the metal ions in this precipitate is based on the follow¬ 
ing facts: (a) The insolubility of the sulphides of arsenic and mercury in 
hot concentrated HCl; (b) The solubility of arsenic sulphide in ammonia 
solution in which HgS is insoluble; (c) The precipitation of Sb 2 S 3 from an 
oxalic acid solution. Under the same conditions, tin fails to precipitate due 
to the greater stability of the tin-oxalate complex ion; (d) The precipitation 
of SnS 2 with hydrogen sulphide after the destruction of the oxalic acid by 
evaporation with nitric and sulphuric acids. 

7. Detection and Removal of Pentavalent Arsenic. Since pentava- 
lent arsenic is slowly and incompletely precipitated by H 2 S, provision must 
be made for its removal (see p. 270). 

8. Summaiy of the Steps in the Analysis of Group 2. From the fore¬ 
going, it will be seen that the complete analysis of Group 2 consists of 7 
consecutive operations as follows: (1) The removal of interferences. 
(2) The adjustment of the acidity. (3) Precipitation with H 2 S. (4) Sepa¬ 
ration of the Group 2 precipitate into two divisions by means of KOH. 
(5) The analysis of the residue from the KOH treatment — the Copper 
group. (6) The analysis of the centrifugate from the KOH treatment — 
the Tin group. (7) The precipitation and removal of pentavalent arsenic. 


PROCEDURE FOR THE ANALYSIS OF GROUP 2 * 

1. Adjustment of the Acidity and Precipitation with H 2 S. Transfer 
the centrifugate from Group 1 to a 10 ml. beaker labelled to indicate the 
5 ml. level (1). Add concentrated NHs (2) in small fractions of a drop 
(using capillary dropping pipette) with constant stirring until the mixture 
is alkaline. Now add dilute HCl in small fractions of a drop with constant 
stirring until the mixture as shown by test is just acid. Add exactly 0.5 ml. 
of 3 A HCl (measured from a graduated pipette or from a calibrated 
dropper) and dilute the solution to a volume of 5 ml. Treat with H 2 S, 
using a capillary pipette, until precipitation as shown by test is complete 
(3). Stir the mixture in the beaker and while the precipitate is in a state of 
suspension, transfer it in equal portions to two 4 ml. test-tubes. Rinse the 
beaker with a little water and transfer this to the tubes. Equalize the 
volumes of solutions by the addition of water and centrifuge. Transfer the 

♦Group precipitates consisting of sulphides or hydroxides undergo changes 
when exposed to the air and allowed to dry. The former are oxidized to sulphates 
which with few exceptions are soluble in water. The latter become more or less 
dehydrated and in this condition they are more difficult to dissolve in acids. Be¬ 
cause of insufficient time to carry the analysis to the point where all precipitates 
may be taken int/O solution, the precipitation of Group 2 or 3 should not be begun 
towards the close of the laboratory period. However, should it be necessary to inter¬ 
rupt the work shortly after a precipitation has been made, the precipitate may be 
kept in a moist condition by transferring the precipitate with the aid of water to a 
test-tube, saturating with HaS and corking the tube. 
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solution from both tubes to a 10 ml. beaker labelled Arsenate ( 4 ) and 
Groups 3-5. 


Solidion, Under 
hood boil out the 
H 2 S (5). Cover the 
beaker and set it aside 
to be tested for arse¬ 
nate and Groups 3-5 
(p. 270). 


Residues in the test-tubes may consist of HgS, 
PbS, Bi 2 S 3 , CuS, CdS, AS 2 S 3 , Sb 2 S 3 and 81182 . 
The precipitate is united and washed as follows: 
To one of the tubes add 5 drops of 5 % NH4CI sat¬ 
urated with H 28 (G), stir thoroughly and then 
quickly pour the mixture into the other tube. 
Repeat this operation with another 5 drops of 
NH4CI solution in order to make the transfer 
complete. Now stir the mixture and centrifuge. 
Reject the washings. Treat the Group 2 precipi- 
tate with KQH as directed on p. 2G2._ 


NOTES 

( 1 ) This may be accomplished easily as follows: Introduce 5 ml. of 
water into the empty beaker and label the latter in such a maimer that 
the upper edge of the label coincides with the level of the water. 

(2) Concentrated NII3 is used instead of the dilute reagent in order not 
to dilute the solution unnecessarily. As the acidity is reduced or when the 
solution becomes alkaline, a precipitate may form. The latter is either dis¬ 
solved when the HCl is added, or else is converted by the H 28 treatment 
into the sulphide. 

(3) During the precipitation with H 2 S, the beaker should be securely 
supported or set in the test-tube block, otherwise it is likely to be upset. 
The treatment with H 2 S should be continued for at least 2 minutes before 
testing for complete precipitation. See Note 2 , p. 255. The color of the pre¬ 
cipitate often gives an indication of the metals present. If black, it shows 
the presence of Hg, Bi, Cu or Pb, or all of them. If yellow, the presence of 
As, Cd or stannic tin is indicated. An orange precipitate gives evidence of 
the presence of Sb; while a white or yellowish-white precipitate which 
slowly turns black on further treatment with H 2 S is probably due to mer¬ 
cury. A white suspension of sulphur is due to the presence of Fe+++ or 
some other oxidant. If a yellow precipitate persists in forming even after 
the solution appears to be saturated, it is an indication that f.)entavalent 
arsenic is present and further treatment with 1128 is unnecessary. 

(4) The precipitation of arsenic with H 28 from a 0.3 Af HCl solution 
of arsenate is very slow (see reaction 1, p. 145). In the absence of other 
elements of Group 2 , none or very little of the arsenic will precipitate. 
When under the same conditions, other elements of the group are present, 
considerable arsenic may precipitate. In any case, the filtrate may contain 
arsenate as well as the metal ions of Groups 3-5. 

(5) The H 28 must be boiled out of the solution without delay since it 
undergoes atmospheric oxidation with the formation of 8 and SO 4 ”; the 
latter would prematurely precipitate the ions of Group 4.* 

* Curtman and Frankel, J. A. C. 5., 33 (1912). 724. 
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In expelling a gas from a solution it is well to stir the solution while 
boiling. Placing a glass rod in the beaker will prevent dangerous bumping 
with the consequent loss of liquid. To determine whether or not all the 
H 2 S has been removed, hold a piece of Pb(C 2 H 302)2 paper in the escaping 
vapor for a few moments. If it does not darken, the solution is free of IIihS. 

On heating to boiling, a yellow precipitate of AS 2 S 3 may form, if arsenate 
is present. Without centrifuging, continue to boil the mixture until the 
ILS is cx[)elled and set it aside to be tested for arsenate and Grouj)s 3-5. 

( 6 ) The wash-water is prepared by diluting 3 drops of the reagent 
NH4CI (20 g. per 100 ml.) witli 9 drops of water and treating the solution 
with H 2 S. The Group 2 precipitate is waslied to remove adhering solution 
containing HCl as well as the ions of subseciuent groups. Hydrogen sul¬ 
phide must be present in the wash-water to prevent the moist sulphides 
from oxidizing to sulphates, all of wliicdi are water-soluble with the excep¬ 
tion of PbS() 4 . The dissolved H 2 S, however, would stabilize the sulphide 
sols which would form as the is washed out of the precipitate. Hence 
some suitable electrolyte, such as NH4GI, must be added to the wash-water 
to prevent the sulphides from going into the colloidal state. 


PROCEDURE FOR THE SEPARATION OF THE DIVISIONS 

OF GROUP 2 


To the Group 2 precipitate in a 4 ml. test-tube add 15 drops of 6 M 
KOH * and 2.3 ml. of water. Heat f (read footnote) ( 1 ) in a boiling water 
bath for 3 minutes with occasional stirring ( 2 ). Add 5 drops of freshly i)i‘e- 
pared H^S water (3), stir and centrifuge. 


Residue may consist of the 
sulphides of the Copper 
group, viz., HgS, PbS, 
Bi.>S 3 , CuS, CdS. Wash 
the residue twice using 5 
drops of water for each 
washing and unite the 
washings with the first so¬ 
lution. Analyze the resi¬ 
due for the Copper group 
according to Scheme 2 A. 


Solution and washings from the residue of 
2 A may conbiin As 02 ~, AsS 2 ”', Sb(OH) 4 ", 
SbS 2 -, Sn(OH)r, SnS 3 “, HgS 2 “, S-r, S^. 
Label it 2 B and set it aside to be analyzed 
for the Tin group according to Scheme 2 B. 


NOTES 

( 1 ) Caustic alkali is an extremely dangerous substance because of its 
destructive effects on the eyes. Precipitates, when heated with solutions of 

* For details concerning the use of KOH os a reagent for the separation of the 
divisions of Group 2 see article by Curtman and Marcus, J. A. C. <S., S6 (1914), 1093. 

t This mixture must not be heated directly over the Bunsen burner (read note 1) 
but in the boiling water bath as directed above. 
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KOH, display a tendency to bump. To prevent the danger of having the 
mixture spurted into the eyes with a possible loss of sight, it is absolutely 
necessary while heating to stir the mixture constantly and to avoid bring¬ 
ing the face directly over tlie test-tube. 

( 2 ) The sulphides of the Copper group, like their oxides, exhibit de¬ 
cidedly basic properties. On the other hand, the oxides and sulphides of 
arsenic, antimony and tetravalent tin are predominantly acid in character. 
Hence, when the Group 2 pi ecipitate is treated with a solution of KOH and 
the mixture heated, the sulphides of arnenic, antimony and tin dissolve, 
forming mixtures of thio and oxy ions. In the presence of sulphide ion, 
HgS also dissolves through the formation of the very stable comi)lex ion, 
HgS 2 “. The sulphides of Bi, Cu, Cd and Pb are comi)letely insoluble pro¬ 
vided a small amount of sulphide ion is also present. 

A small proportion of the sulphide ion may be oxidized by the air to the 
disulphide ion, S« 2 “. The equations for the formation of and 82 “ are as 
follows: 

OH- + H.>S ^ H8- + H 2 O 
OH- -f H8- ^ 8” + H 2 O 
2S-^[S2L + 2e 

J Q 2 + H 2 Q + 2 OH- _ 

2 8 ” -f i O 2 + HoO + 2 OH ■ 

(3) The H 2 S-water is prepared by bubbling the gas through 1 ml. of 
water in a test-tube. It is added to precipitate tiaces of Cu and Pb that 
would otherwise dissolve in the KOH. If the precipitate completely dis¬ 
solves, it shows the absence of Pb, Bi, Cu and Cd. In that case, analyze 
the KOH solution according to Scheme 2 B. 

If after adding the KOH there is no time left for further woik, cork the 
tube, lal)el it and set it aside for further treatment during the next lab¬ 
oratory period. If, however, some time is available but insufficient to 
complete the analysis of the entire group, then the mixture after heating 
with KOH should be centrifuged and the solution separated from the 
residue. It is preferable to analyze the residue first, since it does not kce}) 
as well as the centrifugate. 


SCHEME 2A 

PROCEDURE FOR THE ANALYSIS OF THE 
COPPER GROUP 

The residue from the KOH treatment may consist of HgS, PbS, Bi'jS^, 
CuS and CdS. Add 1.5 ml. of dilute HNO3. Set in a boiling water bath arul 
heat with stirring for 2-3 minutes. Centrifuge and transfer the solution to 
a 5 ml, beaker. 
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Residue 1 may 
be HgS (black) or 
2HgSHg(N03)2 
(white) -f S (1). 
Wash it with 5 
drops of water 
and reject the 
washings. Com¬ 
bine the precipi¬ 
tate with the HgS 
residue obtained 
in Group 2B. 
Confinn the pres¬ 
ence of Hg'^'^ as 
directed in 
Scheme 2B. 


Solution 1 may contain Bi^^'^, Cu"^"^ and Cd^"^ 

and excess of nitric acid. Add 5 drops of cone. H 2 SO 4 . 
Under the hood, boil down the solution in an air bath 
(Fig. 23, p. 230) until dense white fumes of SO 3 appear 
(2). Cool thoroughly. Cautiously add 1 ml. of water. 
Stir thoroughly and quickly transfer mixture to a 
2 ml. centrifuge tube. Rinse beaker with 5 drops of 
water, stir and add mixture to that in the centrifuge 
tube. Allow to stand 5 minutes (3). Centrifuge and 
transfer the solution to a 4 ml. test-tube. 


Solution 2 may contain Bi'^'^'^, 
Cu'^^, Cd^'^ -f an excess of H2SO4. 
Cautiously add cone. NH3 drop wise 
with stirring till alkaline and then 
add 0.5 drop in excess. A deep blue 
solution proves the presence of 
Cu*^*^ (5). A precipitate indicates the 
presence of Bi^^'^. Centrifuge. 


Residue 2 may 
be PbS 04 (4). 
Wash once with 
2 drops of water. 
Reject washings. 
Now add 0.5 ml. 
NH4C2H302and 
set in water 
bath. Stir while 
heating for sev¬ 
eral minutes. To 
the clear solu- 
j tion (if not clear, 
centrifuge and 
separate from 
suspended ma¬ 
terial) add 1 
drop of acetic 
acid and 2 drops 
of K 2 Cr 04 . A 
yellow precipi¬ 
tate confirms 
the presence of 
Pb++. 


Resid,ue 3 may 
be Bi(OH)3. 

Wash twice using 
5 drops of water 
for each washing. 
Reject washings. 
Add a little 
freshly prepared 
NaSn(OH)3 (6) 
and stir the pre¬ 
cipitate. An im¬ 
mediate and de¬ 
cided blackening 
of the precipitate 
shows the pres¬ 
ence of Bi"^*^. I 


Solution 3 may 
contain 
Cu(NH3)4+^ 
Cd(NH3)4-^-^ + 
an excess of 
NH3 (7). Add 
NaCN a few min¬ 
ute crystals at a 
time with stirring 
(8) until the color 
of the solution is 
discharged and 
then add a little 
in excess. Centri¬ 
fuge if not per¬ 
fectly clear, and 
separate residue 
and solution. 
Treat the latter 
with H 2 S. A yel¬ 
low precipitate 
indicates the pres¬ 
ence of Cd"^"^ (9). 
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NOTES 

(1) Some of the sulphur is oxidized to SOr but little or no PbSO< 
separates out at this point because of its solubility in excess of nitric acid. 
Some BaS 04 may also separate at this point if present in the Group 2 pre¬ 
cipitate, owing to the oxidation of the H 2 S to SO 4 ”“ by ferric ion or much 
nitric acid.* 

A black residue does not furnish conclusive evidence of the presence of 
mercury since the sulphur which separates in a plastic condition in the hot 
dilute nitric acid may enclose small quantities of the sulphides of Pb, Cu 
and Bi. For this reason a residue from the nitric acid treatment should 
always be tested for mercury. 

If is present, it will be found in Group 2B. A small amount may be 
left in 2A, particularly if much of this ion is present. The HgS residue ob¬ 
tained in 2A is, therefore, set aside to be combined with that found in 2B. 

( 2 ) Pb 804 is somewhat soluble in nitric acid, owing to tlie formation of 
slightly ionized HS() 4 “. In removing the nitric acid, advantage is taken 
of the fact that the fuming point of H 2 SO 4 (250°) is considerably higher 
than the boiling point (120°) of the constant boiling mixture of nitric acid. 
The appearance of dense heavy white fumes is therefore an indication that 
all the nitric acid has been volatilized. The student should not mistake 
relatively grey vapors of HNO3 for those of BO.^. The latter resemble white 
smoke. Fumes of SO 3 need not be looked for until the volume of the solu¬ 
tion has been reduced to about 3 drops. Unless this ojxiration is properly 
conducted, some of the lead will remain in solution and interfere later with 
the tests for Bi '*"^"^ and Cd'*"'^. 

( 3 ) The use of a moderately large quantity of H 2 SO 4 in separating 
Pb 804 has a twofold purpose: ( 1 ) It diminishes its solubility in the solu¬ 
tion (common ion effect); ( 2 ) it prevents a moderately large quantity of 
Bi+++ from precipitating as (Bi 0 ) 2 B 04 . The mixture is allowed to staml 
5 minutes to insure the complete precipitation of the PbS 04 since the latter 
tends to form supersaturated solutions. 

^ (4) Besides PbS 04 , a white coarsely crystalline precipitate of 
(Bi 0 ) 2 S 04 and white pulverulent BaS 04 may appear at this point. Hence 
the need of a confirmatory test for Pb'*''^. BaS 04 does not dissolve in 
NH4C2H3O2. The bismuth salt does; but in the presence of acetic acid it 
does not yield a precipitate with K 2 Cr 04 . 

(5) The blue coloration is a sufficiently sensitive test for copper except 
wlien present in very small quantity. To test for exceedingly sniall 
amounts, acidify with acetic acid a small portion of the colorless solution 
and add a drop of K 4 Fe(CN) 6 . A reddish-brown precipitate or reddish 
coloration shows the presence of Cu'^'*'. 

(6) A white precipitate may be Pb(OH) 2 . Hence the confirmatory test 
for Bi'^'^'^ must be made. The NaSn(OH )3 is prepared as follows: Intro¬ 
duce into a test-tube 1 drop of tested SnCL solution and to it add NaOH 
drop by drop with shaking till the tin is precipitated as Sn(OH) 2 ; then add 
more NaOH until the precipitate completely dissolves. If the mixture be¬ 
comes dark due to a separation of Sn, centrifuge and use the clear portion. 

♦ Curtman and Frankel. /. A. C. S., 33 (1911), 724. 
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( 7 ) If is absent, make the solution just acid with dilute H 2 SO 4 and 
treat with H 2 S. A yellow precipitate shows the presence of Cd'^''". 

The following procedure may also be used for the detection of Cd*'"*' in 
the presence of Cu"^'^. To the ammoniacal solution add dil. H2SO4 with 
stirring until acid and then add 7 drops in excess. Heat the solution to 
boiling in the water bath and then remove it from the bath. Add 50 mg. of 
coarse iron filings. Stir vigorously for 6-8 minutes, allow the ppt. to settle 
and centrifuge. Treat the solution with HoS. A yellow ppt. is CdS. 

( 8 ) Sodium cyanide is a deadly poison and must be handled with care. 

( 9 ) A red crystalline precipitate of hydrorubianic acid (CSNH 2)2 may 
form when inucli (topper is present. The precipitate dissolves in hot water 
(distinction from CdB). If a black precipitate is obtained in testing for 
Cd^^, it is an indication that the solution contains small quantities of those 
cations whose sulphides are black, viz., llg'^^, Pb"^ ^ or Bi"*"^^. To detect 
the presence of Cd'^^ in the black precipitate proceed as follows: Centrifuge 
the mixture and discard tlie solution. Wash the precipitate with 5 drops 
of water and discard the washings. Now treat the precipitate with 8 drops 
of water and 2 drops of cone. H2SO4. Stir and heat in the water bath. 
Centrifuge and treat the clear solution with H 2 S. Using a capillary pi^yette, 
add concentrated NHur/rnp by drop, with constant stirring. As the neutral 
point is approached a yellow precipitate of (\1S will form. The solution 
must not be made alkaline for under these conditions some PbS or Bi^Ss 
will precipitate. 

OUTLINE OF SCHEME 2B (THE TIN GROUP) 

(For detailed directions see p. 267.) 


KOIl extract: AsOj-, AsS 2 -, Sb(OH) 4 -, ShSo", SnfOIDe”, SnS:r, HgSs", 
82 ”“, S“, OH“. Acidify with HCl and centrifuge. 


Solution. 

Reject. 

Precij>it(ite. HgS, AS2S3, 
IICI and centrifuge. 

SbiSa, SnSa + S. Treat with cone. 


Residue 1. HgS, AS283. 
NH3 and centrifuge. 

Treat with 

Solution 1. SbCle^, 
SnCle” -f excess HCl 
-p H 2 S. Remove 

H 2 S. Divide into 2 
portions. 


Residue 2, 
HgS. Treat 
with aqua 
regia. Solu¬ 
tion: HgCL”. 

Solution 2. As02“, AsS 2 “ 
-j- NHg. Acidify with 
HNO-i ft.nd f'pntrifnorp 


V 


/ 12 Test for Tin, 
Add iron nails and 
heat. Residue. Fe *P 
Sb, Solution: Sn"’"’". 
Add HgCL. Ppt. 
Hg2Cl2. 


Sohdion S. 
Reject, 

Residue 3. 
AS2S3. Add 
cone, HNO3 
and heat. 
Solution: 
H2As 04~. 
Add AgNOa 
-p Na 2 C 03 . 
Ppt. 

Ag3As04. 




213 Test for Sb. Add 
H 2 C 2 O 4 and treat 
with H 2 S. Ppt. 
SbzSa. 
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SCHEME 2B 

PROCEDURE FOR THE ANALYSIS OF THE TIN GROUP 

The KOH extract ( 1 ) may contain the anions AsO^", AsS 2 “, Sb(OH)r, 
8682 ", 8 n(OH) 6 “, 8 n 83 “ and [Hg 82 l“. There will always be present an 
excess of OH“ and 8 “ and possibly a trace of [ 82 ]™'. To the solution in a 
10 ml. beaker add concentrated HCl dropwise with continuous stirring 
until the mixture is distinctly acid to litmus paper. Treat with H 28 for 
several minutes ( 2 ). The formation of a precipitate shows the presence of 
Hg, As, 8 b or 8 n (3). Transfer about 3 ml. of the mixture to a 4 ml. test- 
tube and centrifuge. Reject the solution. Now transfer to the tube tlie rest 
of the mixture in the beaker. Rinse the beaker with 2 drops of water and 
add the rinsings to the tube. Centrifuge, cotnpleiely remove the solution 
and reject it. The precipitate may consist of HgS, AS 283 , 8 b 283 and 8082 . 
Add 0.5 ml. of concentrated HCl and heat for 3 minutes in the water bath, 
stirring constantly. Treat tiie mixture with H 28 for 1 minute to reprecipi¬ 
tate any As or Hg that may have dissolved, heat for ^ minute and ceptri^ 
fuge. Transfer the solution to a 5 ml. beaker and label it Solution 1. 


Residue 1. HgS and AS 283 (4). Wash by adding 3 drops of concentrated 
HCl and 2 drops of water, stirring and centrifuging. Combine acid wash¬ 
ings with Solution 1, Now wash the residue with water by adding 5 drops 
of water, stirring, centrifuging and discarding the washings. To the residue 
add 0.5 ml. of dil. NH3 and stir thoroughly. Centrifuge and separate the 
residue from the solution. Label the latter Solution 2 and test it for arsenic 
as directed below. A dark residue indicates the presence of Hg”^^ (5). 
Wash it with 5 drops of water and reject the washings. Add 4 drops of 
cone. HCl and 1 drop of cone. HNO3 and heat in the water bath till the 
action starts. Then transfer this solution to the tube containing the Hg 
precipitate obtained in 2A. Heat again in the water bath. Transfer the 
solution to a 5 ml. beaker. Rinse each tube with a drop of water and add 
to beaker. Boil down gently (under hood) to a few drops but not to dryness. 
Add 2 drops of water and transfer contents to a centrifuge tube. Centrifuge 
and separate. To the clear solution add 1 or 2 drops of 8 nCl 2 . A white, 
grey or black precipitate proves the presence of Hg'^^. 


Solution 2. Test for Arsenic. To the ammonia solution obtained above, 
add dil. HNO3 until the mixture is decidedly acid. The formation of a yel¬ 
low precipitate shows the presence of As (6), Centrifuge and reject the 
solution. Wash the residue with 5 drops of water (7) and reject the wash¬ 
ings. To the residue add 5 drops of cone. HNO3 and heat the mixture in the 
water bath for 10 minutes. Transfer the contents of the tube to a 5 ml. 
beaker. Rinse the tube with 1 drop of water and add the latter to the 
beaker. Add 5 drops of AgNOa and stir. If a precipitate forms, transfer 
the mixture to a centrifuge tube and centrifuge to remove any AgCl. To 
the clear solution add solid Na 2 C 08 , a little at a time, with stirring, until the 
mixture no longer effervesces. The formation of a chocolate brown pre¬ 
cipitate of Ag 8 As 04 confirms the presence of As (8). 
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Sohdion 1 may contain SbCU** and SnCU". Boil gently until the H 2 S is 
completely expelled (see second paragraph, note 5, p. 259). Dilute with 
16 drops of water. 

In ^ Test for Tin. Transfer 5 drops of the solution to a test-tube and 
add 1 drop of cone. HCl. Now add two I" wire brads (9). Place the tube 
in a water bath and heat for 5 minutes (black flocks indicate the presence 
of Sb which, however, must be confirmed as directed below). Transfer the 
clear solution to another tube and add 1 drop of IlgCU. A wliite, grey or 
black precipitate proves the presence of Sn (10a). Two cases may arise: 

1st. Tin is Absent. Transfer the remaining |- of the solution to a 10 ml. 
beaker, dilute with 5 ml. of water and treat with H 2 S. Orange precipitate 
shows the presence of Sb (11). 

^nd. Tin is Present. To the remaining f of the solution in a 10 ml. 
beaker, add 0.5 g. oxalic acid and 5 ml. of water. Heat with stirring till the 
crystals are dissolved. Treat with H 2 S for 5 minutes but no longer (12). 


An orange precipitate shows the presence of Sb (11, 12). 



Sn, if present, see note 10b. 


To estimate the 


NOTES 


(1) On long standing exposed to the air, some HgS may precipitate 
from tins solution due to oxidation of [HgS 2 ]’“. Without filtering, treat the 
mixture with acid as directed in the Scheme. 

(2) The treatment with H 2 S is to insure the complete precipitation of 
the sulphides. This is especially necessary when the filtrate has been set 
aside for some time before being acidified. 

(3) Upon acidification, the sulphides of Hg, As, Sb and Sn arc repre¬ 
cipitated. The color of this precipitate often will indicate which of the 
2B elements are present. This is particularly true if only one of the ele¬ 
ments should be presemt. In the absence of metals of 2B, a white opales¬ 
cent precipitate of sulphur will form from a trace of polysulphide always 
present in the alkaline sulphide solution (see note 2, p. 260). Hence, if the 
precipitate obtained at this point is white, the analysis for 2B may be 
omitted. The equation for the decomposition of the [S 2 ]“ by H"*" is as fol¬ 
lows : 

[S 2 I” + 2 H+ H 2 S -h S 


(4) A yellow residue does not preclude the presence of HgS. 

(5) The confirmatory test for Hg"^"^ must always be made, even if the 
residue is dark. 

( 6 ) The quantity of As present should be estimated from the size of this 
precipitate of arsenious sulphide. 

(7) The precipitate is centrifuged and washed to remove NH 4 salts. 
The latter on treatment with Na2C03 would yield NH3, which would 
obviously interfere with the final confirmatory test for arsenic, 

( 8 ) The precipitate of silver arsenate will be admixed with silver car¬ 
bonate. Therefore the quantity of arsenic present cannot be judged by the 
size of this precipitate. Should no As be present, a white or light yellow 
precipitate of silver carbonate will be obtained. 
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(9) The brads should be clean. If coated with rust, treat them with 
dilute HCl till all the rust has dissolved and then wash them thoroughly 
with water. 

On treating the solution containing SnCU" and SbCle"^ with Fc in the 
presence of HaO'*', two reactions are possible, viz., 

Fe + SnCle*^ ^ Sn++ -f Fe++ + 6 CP 
3 Fe 4 - 2 SbCle^ 2 Sb + 3 Fe++ + 12 Cl" 

Experiment * showed that in a solution containing much Sn and little 
Sb, none of the latter was precipitated until practically all the former was 
reduced. Only when the amount of Sb is large and the quantity of Sn rela¬ 
tively small, will black flocks of Sb form. 

( 10 a) The formation of a white precipitate is conclusive evidence of the 
presence of tin. Only when large amounts of tin are present does the pre¬ 
cipitate turn grey or black. This ppt. does not supply a reliable indication 
of the quantity of Sn present because it may consist of a mixture of mer¬ 
curous chloride and mercury in varying proportions. Provision has there¬ 
fore been made for the estimation of this metal at another point in the 
scheme (see note 106). 

(106) To estimate the amounjb of this metal, transfer to a beaker the 
oxalic acid ccntrifugat(‘ (below), from which the Sb 2 S 3 has been precipi¬ 
tated. Boil out the 11 2 S. Add 5 drops of cone. II 2804 and 10 drops cone. 
HNO3 and evaporate in, the hood to dense SO 3 fumes, using an air bath 
(see Fig. 23, p. 233). 

Cool thoroughly and cautiously pour the mixture into 4 ml. of water. 
Make alkaline with cone. NH3 and then slightly acid with dil. HCl. Treat 
with H 2 S for 5 minutes. A yellow precipitate is 81182 . 

The concentrated II28O4 removes H2O from the oxalic acid, causing the 
latter to decompose according to the following equation • 

H2C2O4 II2O + CO -f CO2 

(11) If the ppt. is distinctly orange, no confirmatory test is necessary. 
To confirm the presence of 8 b, centrifuge and discard the solution. Wash 
the precipitate with water and then dissolve it in 5 drops of 5 M JICl. 
Boil gently until all the H 2 S is expelled. Dilute with an equal volume of 
water and make the Pt-Sn couple test (see preliminary experiment 2, 
under Antimony). 

( 12 ) Stannic sulphide fails to precipitate with liydrogen sulphide due 
to the greater stability of the tin-oxalate complex ion. Unless very large 
amounts of the metal (20-25 mg.) arc present, no tin will i)recipitate within 
5 min. However, if the H 2 S treatment is continued for a considerably 
longer period of time, then 81182 may precipitate even when much less tin 
is present. If antimony is present, together with as much as 25 mg. of 8n, 
the initial sulphide precipitate will be bright orange. On continued treat¬ 
ment, tin may begin to precipitate, as indicated by the darkening of the 
orange Sb 2 S 3 to a dirty green or even black color. Should this happen, dis¬ 
continue the H 2 S treatment at once. Centrifuge, wash the residue with 
water and dissolve it in 5 drops of hot 12 M HCl. Add 0.5 g. of oxalic acid, 

* N. Hecht, Dissertation (1920), College of the City of New York. 
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dilute with 5 ml. of water, heat until the crystals have dissolved and treat 
again with hydrogen sulphide for 5 min. The Sb 2 S 8 precipitate should then 
be bright orange, since the amount of tin carried down in the first precipita¬ 
tion will be too small to cause any interference. 

DETECTION OF ARSENIC IN THE GROUP 2 CENTRIFUGATE 

Arsenic in the pentavalent form as arsenate is precipitated only very 
slowly and then incompletely with hydrogen sulphide in 0.3 M HCl solu¬ 
tion (see p. 145, reaction 1 ). When pentavalent arsenic is present alone, it 
may completely escape precipitation. Even if the element is detected in 
Group 2, it is necessary to remove it completely before proceeding to 
Group 3; otherwise, the alkaline earth elements will precipitate in Group 3 
as arsenates. It may be precipitated rapidly with hydrogen sulphide, if the 
solution is hot and very strongly acid (5-6 M). This fact is made use of in 
the method below. 

Procedure. The centrifugate from Group 2 contained in a 10 ml. 
beaker is boiled down in the hood to about 1.5 ml. (This volume may be 
estimated by comparison with 1.5 ml. of water contained in a similar 10 ml. 
beaker). Add 1 ml. of cone. HCl, heat to,boiling and treat with H 2 S for 
6 minutes. Dilute with 2.5 ml, of water and heat to boiling to dissolve any 
salts such as NaCl or KCl which are not ver>" soluble in strong HCl. ^A 
bright yellow precipitate indicates the presence of arsenic.* Transfer the 
mixture to a test-tube, centrifuge and remove the solution to a 10 ml. 
beaker labelled Groups 3-5. Wash the residue once with 5 drops of water 
and add washings to the beaker. Boil the solution to remove H 2 S and set it 
aside to be analyzed for Groups 3 - 5. To confirm the presence of arsenic in 
the yellow precipitate, dissolve it in ammonia and carry out the confirma¬ 
tory test as directed in the scheme of analysis for 2B. 

GROUP 3. GENERAL DISCUSSION 

In a 0.3 M HCl solution saturated with H 2 S, the S* concentration 
(1.2 X 10^2*) is too low to cause the S. P, constants of the sulphides of any 
of the cations to be exceeded except those of Groups 1 and 2. By reducing 
the acidity of the solution or by rendering it alkaline, the S“ concentration 
would be vastly increased and we should expect that sulphides other than 
those of Group 2 would precipitate. Experiment shows that when the cen¬ 
trifugate from Group 2 is made alkaline with NH 3 and treated with H 2 S, a 
precipitate fonns consisting of the sulphides of Ni, Co, Mn, Zn and Fe and 
the hydroxides of A1 and Cr. These ions are therefore grouped together and 
collectively are known as Group 3. The same precipitate may be obtained 
by adding (NH 4 ^?S to the centrifugate from Group 2.after rendering it 
alkaline with NHs. The former method is preferable, since the precipitate 
formed in this manner settles more readily and less NiS is peptized. 

In either method, the solution contains S'" and OH“ ions. The latter is 
considerably reduced in concentration by the presence of NH4CI (common 

♦ In the absence of arsenic, a white or light yellow precipitate of sulphur is usually 
obtained, especially if is present. 
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ion effect), added to prevent the precipitation of Mg(OH) 2 . The sulphides 
of Ni, Co, Mn and Zn rather than the hydroxides are precipitated because 
the S. P. constants of the former are respectively smaller than those of the 
corresponding hydroxides. The reverse is the case with the sulphides of A1 
and Cr. The latter, besides, are unstable in aqueous solution. The pres¬ 
ence of an excess of NH4CI reduces the Con- sufficiently to prevent 25 mg. 
of Mg'^ from precipitating as the hydroxide.* However, due to the low 
values of the S. P. constants of Al(OH )3 and Cr(OH )3 as little as 0.05 mg. 
each of AP'^’^ or Cr'*"'*'^ will precipitate as the hydroxide. 

Because of the extreme sensitiveness of NH3 as a reagent for the triva- 
lent metals of this group even in the presence of NH4CI, the filtrate from 
Group 2, after the removal of the H 2 S, is treated with a slight excess of 
NHat and boiled. A characteristic precipitate will form if any of the triva- 
lent metals of this group are present. The Ni"*"^, Co'^'*' and remain 
in solution because of the formation of complex ions of the general formula 
M(NH 3 ) 6 ‘^''' while the Mn'^'^ and any unoxidized Fe'*"^ will not be precipi¬ 
tated, owing to the lowering of the OH" concentration by the NH4 ion. 

By means of an excess of NH3 and NH4CI it would seem possible to di¬ 
vide the cations of this group into 2 di\’isioiis; however, on standing, 
MiP"^ oxidizes and precipitates (see reaction 2 under Manganene), Hence 
this method of separation cannot be employed. 

In the scheme to be followed, the filtrate from Grouj) 2, after the re¬ 
moval of excess acid and the H2S, is rendered alkaline with NH3 and then 
treated with H 2 S. 

The latter converts the Fe(OH )3 to 1^2^^ and also precipitates the sul¬ 
phides of Fc, Mn, Ni, Co and Zn. The formation of the sulphides from the 
complex metal ions may be formulated as follows, taking Ni(NH8)6'''''' as a 
typical case. 

Ni(NH3)6-^+ + H2S NiS + 2 NH4+ + 4 NH3 

The chief steps in the separation of the ions of this group are: 

(1) The Mn is first precipitated as Mn02 from a concentrated nitric 

acid solution by means of KCIO3. At the same time the is oxidized 

to Cr 207 “‘. 

( 2 ) Fe and A1 are next precipitated as hydroxides with NH3 and 
NH 4 NO 8 and thus separated from Cr, Ni, Co and Zn. 

(3) The residue of Al(OH )3 and Fe(OH )3 is treated with NaOH. 
A1(0H)3 goes into solution in the form of AKOIUd” while Fc(OH)3 re¬ 
mains undissolved. 

(4) The filtrate containing Cr as Cr 04 “, and Ni, Co and Zn as ammonia 
complexes, is treated with BaCL to precipitate and thus separate Cr from 
the other metal ions. 

(5) From the solution of Ni, Co and Zn as ammonia complexes, the 
sulphides are precipitated and then taken into solution. From the latter 

* This is true only if is present alone. If metals of Group 3 are present, 

some is carried down by the precipitate. See Curtman and Mermelstein, 

Roc, trav, chim,, 53 (1934), 34. 

t A little HjOj or cone. HNO* should be added to the solution and the latter 
boiled to oxidise the Fe’’"*'. 
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Ni(OH)2 and Co(OH)3 are precipitated with NaOH and Na^O^, while Zn 
remaine in solution as Zn(OH)4“. 


OUTLINE OF SCHEME 3 

(For detailed directions, see p. 270 .) 


After removal of pentavalent arsenic, solution may contain 
Fe^^^ Fc^"^, Ni+'^ j ZiP+ + HCl + cations of Groups 4 and 

Remove excess IICI bv evaporation, dilute with water, add NH4CI, 
then NH3 in excess. /V- A1(()H)3, Cr(OH)3, Fe(OH)3 [MiROH).,]. 
Solution. Ni(NH3)6-"S Co(NH3)6^\ Zn(NH3)6''-+ + MiP+ + cations of 
Groups 4 and 5 . Add HoS and centrifuge. 


Solu- 

Hon. 

Groups 

4 <fe 5 . 


Ppt. Al(Of])3, Cr(OFl)3, FoS, NiS, CoS, MnS, ZnS. Dissolve in HCl 
-f HNO3 and evaporate with repeated additions of HNO3. 

Solution. Cr+++, Fe+■^^ Ni'p Co-^+, MiP^ Zn+^ Add 

KCIO3, heat and centrifuge. 


Resi¬ 
due /. 
MnO'i. 
Confirni 

Solution Al++^ Cr.Or” Fe+-+-^ Ni++, Co++ ZiP+. Re¬ 

move exces.s HNO 3 by evaporation. Add NH4NO3 + NH 3 . 
Centrifug(‘. 

with 

NaaCOa 

and 

KClOs 

bead 

test, or 

convert 

to 

Mn04 . 

1 

1 

Residue 2 . 

AI(0H)3. 

NaOII. 

Fe(OH) 3 , 
Add excess 
Centrifuge. 

Solution 2 . CrOr, Ni(NH,),++, 
C(.(NH 3 )c+++, Zn(NH 8 ) 6 ++ + excess 
NHa. Add BaCls and centrifuge. 

Resi¬ 
due S. 
Fe(OH)3. 

Solution S. 
AI(()H)4-. 

i 

Resi¬ 
due 4- 
HaCr04. 

Solution 4 . Ni(NH 3 ) 6 ''"^, 
Co(NH3)6^■^ 

Zn(NH3)6^^' 4- excess 
NH 3 . Add PDS, centri¬ 
fuge and discard solu¬ 
tion. Residue. NiS, 
CoS, ZnS. Dissolve in 
HNO 3 , add NaOH, 
Na 202 and centrifuge. 



i 

1 

1 

i 

1 

i 

i 

! 

1 

i 

1 


Residue 5. 
Ni(OH)2 
Co(OH) 3. 
Dissolve 
in HCl. 

Make alka¬ 
line with 
NaOH and 
then acid 
with acetic 
acid. Divide 
and test 
separate 
portions for 
Ni and Co. 

Solu¬ 
tion 5. 
Zn(OH)4“ 
4- excess 
NaOH. 
Treat 
with 

H 2 S. 

Ppt. 

ZnS. 




ANALYSIS OF GROUP 3 273 

SCHEME 3 

PROCEDURE FOR THE ANALYSIS OF GROUP 3 

Removal of Excess Acid Prior to the Precipitation of Group 3.* In the 

hood boil down the centrifugate from the arsenic precipitation to about 
5 drops, being careful not to evaporate to dryness (1). Dilute with about 
5 rnl. of water and precipitate Group 3 as directed below. 

Precipitation of Group 3. Add to the solution O.l g. of NU 4 CI or 0.5 ml. 
of 20 % NH4CI ( 2 ) and heat to boiling. Remove ].)eaker from gauze and add 
cone. NHa until the mixture is alkaline and then add 2 drops in excess. If 
no })recipitate forms, the trivalent ions + ^ Cr"^++ and ^ ^ are 

absent (3). Heat again and treat under hood with until ])recipitation 
is complete. Transfer the mixture in two portions to a test-tube, (kmtri- 
fiige after each transfer combining the solutions in a 10 ml. beaker. Set 
aside the Group 3 ppt. for treatment as direck^d in the next paragraph. 
Test the solution for completeness of precipitation by adding more ILS. If 
complete, acidify the solution at oiicv (4) with acetic acid Jind boil down in 
the hood to half its volume to expel the HoS. Transfer the mixture to a 
tube and centrifuge (5). Receive the clear centrifugate in a 10 ml. beaker 
labeled Groups 4-5. Cover it and set it aside for examination according to 
Scheme 4. 

The Group 3 Precipitate may consist of Al(OH) 3 , Cr(OII) 3 , Fe-iSs, FeS, 
NiS, CoS, MnS and ZnS. Wash the precipitate by treating it with a mix¬ 
ture of 1 drop of dilute NH 3 and 10 drops of 5% NIRCl treated with H-jS 
(6). Centrifuge, and reject the washings. Treat the precipitate w ith 0.5 
ml. of water and 0.5 ml. of cone. HCl and stir well for several minutes. If 
(;omplete solution takes place, the absence of moderate amounts of Ni and 
Co is indicated (7a). Transfer the mixture to a 10 ml. beaker. Rinse the 
tube with a few drops of water and add the rinsings to the beaker. Under 
the hood heat the mixture to boiling, add 5 dro[)s of cone. HNO 3 and boil 
down to 3-5 drops (using air bath). Add 10 drops of water, stir, transfer to 
a 2 ml. centrifuge tube and centrifuge the mixture to remove the sulphur. 
Transfer the clear solution k) a 5 ml. beaker and boil it down to 1-2 drops, 
bein^ careful not to evaporate to dryness. Add 5 drops of cone. HNO 3 and 
again evaporate under hood to 1-2 drops (7b). Add 1 ml. of cone. HNO 3 , 
stir and transfer the solution to a 4 ml. test-tube. Place the tube in the 
boiling water bath and then add KCIO 3 in many very small portions (8), 
stirring after each addition until 0.150 g. and no more have been added. 
Stir for ^ minute. A brown or black precipitate is probably Mn02. Cen¬ 
trifuge. Transfer solution to a 5 ml. beaker and label it Solution L Wash 
Residue 1 with 5 drops of water and combine washings with solution. 

Residue 1. Mn 02 . To confirm, prepare a Na 2 C 03 bead. With a rod 
transfer a small quantity of the precipitate to the bead. Heat until the en- 

* This paragraph should be omitted in the case of a known or unknown solution 
containing only the cations of Group 3. In the latter case dilute 1 ml. of known or 
unknown with 4 ml. of HaO and then proceed as directed in the next paragraph. 
The removal of excess acid is required only for a solution obtained from Group 2 
in the course of a complete analysis. 
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tire mass is melted and the precipitate is uniformly distributed throughout 
the bead. Now take up a small quantity of KCIO3 and reheat. A green or 
bluish green bead proves the presence of Mn. If the test is doubtful see note 9. 

Solution 1. Fe+'^+, CviOr, , Co++, Z 11 ++. In the hood boil 

down the solution to 2-3 drops, l)eing careful not to evaporate to dryness 
(10). Cool the beaker ihmmghlif. Add 5 drops of water and then 0.4 g. 
NH 4 NO 3 . Heat and stir, breaking u}) any lumps of salt, until a fairly 
uniform mixture is obtained. Add ()..'5 ml. of cone. NH 3 and 1 ml. of water 
and stir for several minutes. The solution must be alkaline at tills point. If 
not, add more NH 3 until the solution is alkaline and an excess of 5 drops is 
present.* Transfer the mixture to a 4 ml. test-tube. Rinse the beaker with 
1 drop of water and add it to the test-tube. Centrifuge. Transfer the solu¬ 
tion to a 4 ml. test-tube, label it Solution 2 and set it aside f to be analyzed 
later as indicated below for Cr, Ni, Co and Zn. Wash Residm 2 twice with 
a mixture of 5 drops of 5% NII 4 CI and 2 drops of dil. NH 3 and combine the 
washings with Solution 2. 


Rcsidm 2. Fe(OH) 3 , AUOH)^ (11). Add 1 ml. NaOH ( 12 ) and 1 ml. of 
water. Heat in a water bath and stir for several minutes. Centrifuge, re¬ 
ceiving Solution S in a test-tube. 


Residue 8. Fe(OH )3 (13). Add 
0.5 ml. dil. HCl and heat in the 
water bath with stirring until the 
precipitate has dissolved. Add 2 ml. 
5% NH 4 CI. Heat in the water bath 
and then add dil. NIL until the 
solution is alkaline. A reddish brown 
precipitate is Fe((.)PI) 3 , To confirm, 
centrifuge and wash once with 
water. Dissolve the precipitate in 
10 drops of dil. HCl, heating in the 
water bath till solution is complete. 
Cool and add several drops of 
KCNS. An opaque red coloration 
proves the presence of Fe'^’^.J 


Solution 3, Al(()H)r (14). Caur 
tiously add cone. HNO 3 with stirring 
until acid. Heat in water bath and 
add dil. NH 3 until the solution is 
alkaline. A white gelatinous pre¬ 
cipitate is A 1 ( 0 H )3 (15). 


* The above procedure for the soparation of the trivaleiit from the divalent ions 
by means of NHs and NH4NO3 is an adaptation of the method proposed by Ardagh 
and Bongard, Jnd. En{j. Chem., 16 (1924), 297. 

t If this solution cannot be analyzed until a later period, it must be treated at once 
with BaCb to precipitate the Cr04“‘ as directed (see Solution 2)\ for otherwise, 
certain insoluble combinations of Cr and Co are likely to precipitate slowly from 
the solution. 

J Because of the presence of traces of ferric ion in the reagents, a light pink 
solution is often obtained at this point. The test should, therefore, be compared 
with a control containing 0.06 mg. Fe*^^+ and treated under the same conditions 
employed in making the test. 
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Solution 2, CrOr, Ni(NH 8 ) 6 -^+, Co(NH 8 ) 6 '"+, Zn(NH 8 ) 6 ^^. Add BaO* 
(2-5 drops) till precipitation is complete. Heat in water bath for 2 min¬ 
utes, stirring occasionally. Centrifuge (16) and transfer Solution 4 to a 
10 ml. beaker. 


Residue If.. 
BaCr 04 (yel¬ 
low) and 
BaS04 
(white). To 
confirm see 
note 17. 


Solution J,. ^ Ni(NH 3 ) 6 ^^ Co(NH 8 )«++ Zn(NH 3 ) 6 +-^. 

Heat to boiling and treat with H 2 S for several minutes. 
A white precipitate is ZnS and shows the presence of 
Zn"^"^ as well as the absence of Ni+'^’ and If the 

ppt. is black, indicating the presence of either Ni'*'’^ or 
Co"^"^, transfer it to a 4 ml. test-tube and centrifuge. Dis¬ 
card the solution. Wash the ppt. with 5 drops of water 
and reject the washings. To the pi)t. add 1 ml. dil. HNO 3 . 
Set in water bath and stir for 3 minutes. Centrifuge to 
remove any residue of S and transfer the solution to a 
10 ml. beaker (18). Add 3 ml. of water and make alkaline 
with NaOH ( 12 ) and add 5 drops in excess. Add Na 20 t 
in small portions (19) until 25 mg. have been added. Boil 
gently for 3 minutes (care of eyes, see note 1, page 262). 
Transfer mixture to a test-tube, rinse beaker with 1 drop 
of water and add it to test-tube. Allow to stand. Centri¬ 
fuge. Transfer Solution 5 to a 10 ml. beaker. 


Residue 5. Ni(OH) 2 , Co(OH) 3 . Wash 
with 5 drops of water and reject washings. 
Add 0.5 ml. dil. HCl. Set in water bath and 
stir until ppt. has dissolved. Transfer solu¬ 
tion to a 5 ml, beaker and boil down to 2 3 
drops. Make alkaline with NaOH and then 
add 1 drop in excess. Just acidify with 
acetic ackl and add 2 drops in excess. 
Divide the solution into 2 j)arts. 

4/5 Test for Co. Add an equal volume 
of KNO 2 , warm and allow to stand for 
10-20 min. A yellow ppt. of K 3 Co(N 02)6 
shows the i)resence of ("o. Confirm if 
necessary by making a borax bead test. 

1/5 Test for Ni (20). Dilute to 1 ml. 
Add 5 drops of dimethylglyoxime and 
allow to stand for 10-20 min. A red ppt. 
proves the presence of Ni. 


Solution 8. 
Zn(OH)r. 
Roil down to 
2 ml. Treat 
clear solution 
(if not clear, 
centrifuge) 
with H 2 S. A 
white ppt. is 
ZnS ( 21 ). 


NOTES 

( 1 ) The purpose of evaporating the solution to a small volume is to 
expel the excess of acid. If, through faulty manipulation or carelessness, 
the evaporation should be carried to the point of dryness or if the residue 
has been ignited, difficulty will be encountered in getting the residue in 
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solution. In that case add 8 drops of aqua regia to the cooled dish and boil 
down the solution again. 

( 2 ) NH4CI is added to lower the OH" concentration of the NH3 solu¬ 
tion and thus prevent Mg(OH)2 from precipitating in this group. It also 
reduces to a minimum the quantities of Al(OH)3 and Cr(OH)3 which may 
dissolve in the NH3 solution by virtue of the amphoteric property pos¬ 
sessed by these hydroxides. And finally, it counteracts, by its coagulating 
effect, the tendency of the sulphides and hydroxides of this group to go 
into the colloidal state and so remain in solution. 

(3) If fairly large amounts of Ni"^^ or are present, some Ni(OH)2 
or Co(OH) 2 may precipitate at this point. On standing, MnOg may also 
precipitate. Therefore, the ft>rmation of a precipitate at this point is not 
proof of the presence of Al, Cr or Fe, although, if no precipitate forms, these 
elements are definitely absent. 

( 4 ) A dark brown or black centrifugate indicates colloidal NiS. If the 
unknown is to be analyzed for the alkaline earth metals (Group 4 ), the 
centrifugate from Group 3 must l)e acidified and boiled without loss of time 
to remove the H2S, and to prevent a loss * of and Sr^ ^ . Another 
reason for immediately acidifying the centrifugate from Group 3 is to pre¬ 
vent the absorption of CO2 from the air with the formation of CO;r'". The 
latter would also precipitate the ions of Group 4 . 

( 5 ) A l)lack residue of NiS mixed with coagulated sulphur may sepa¬ 
rate on acidifying the centrifugate from Group 3 . The precii)itatioii of S 
at this i)oint is due to the action of on a small quantity of 82“ which 
is always present in the solution. The precipitate may be tested for Ni^ 
by dissolving it in boiling dilute HNO3, making the solution alkaline with 
ammonia and adding dirnethylglyoxime. Any arsenic, antimony and tin 
which escaped precipitation in Group 2 will appear at this point as sul¬ 
phide and may be analyzed according to Scheme 2 B. 

(6) The moist preci[)itated sulphides of Groujj 3 show a decided tend¬ 
ency to undergo oxidation to sulphates on exposure to the air. Hence the 
precipitate must be centrifuged without delay. Oxidation of the precipitate 
during the washing is prevented by the presence of sulphide ion in the 
wash-water. The NH4CI is added to counteract the tendency of the sul¬ 
phides to become colloidal and thus pass into solution. 

( 7 a) Although NiS and CoS cannot he precipitated from a 0.3 M HCl 
solution, when once precipitated, they dissolve only veiy slowly and in¬ 
completely in strong acid. The use of dil. HCl does not, however, afford a 
clean-cut separation of Ni and Co sulphides from the remaining sulphides 
of this group since some NiS and CoS will dissolve in the acid, especially if 
considerable Fe or Zn is present. Moreover, some of the acid-soluble 
sulphides as FeS may be meclianically enclovsed by sulphur and thus escape 
the solvent action of the acid. Also any Group 2 A metals incompletely 
ppted. in Group 2 will apj)ear as sulphides at this point. 

( 7 b) The repeated evaporation with cone. HNO3 is to insure the com¬ 
plete removal of CU whose presence interferes with the pption. of Mn02. 

* Curtman and Frankel, J. A. C, <S., 33 (1911), 724. See also Lehrman, Been and 
Mandel, ibid., 03 (1941), 1348. 
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( 8 ) To avoid dangerotis spattering, due to the violence of the reaction, 
the separate portions of KCIO3 should be less than 25 mg. If a metallic 
spatula is used in adding the chlorate great care must be exercised to pre¬ 
vent its coming in contiict with the contents of the tube. 

(9) To confirm, dissolve the precipitate by treating it with a mixture of 
5 dj ops of dil. HNO 3 and 5 drops of H 2 O 2 . Heat the solution of Mn for 
several minutes in the water bath to destroy the excess of peroxide. Cool 
and add 50 mg. (jf NaBiOn. Stir and centrifuge. A purple solution of 
Mn 04 ~ proves the presence of Mn. 

(10) If tlirough carelessness the solution is evaporated to dryness, add 
a few drops of dilute nitric acid and heat until all the salts have dissolved. 

(J 1 ) When large amounts of Ni or Co n,re present, some may pre(ni)itate 
with the iron or aluminum. For this reason, a residue at this point does 
not prove the presence of Fe or AI. If a more comj)lete scpaiation is de¬ 
sired, the precipitate should be dissolved in 10 drops of hot dilute HNOjj, 
the solution evaporated to 2 3 drops, 0.4 g. NH 4 NO 3 added and the am¬ 
monia precipitation lepeated. 

(12) Solutions of NaOH as well as NfL attack glass containers, causing 
the separation of solid matter, generally in the form of flakes. If it is not 
possible to draw up some of the clear solution in the dropper, then the 
solution must be clarified by centrifuging. 

(13) Any Ni^or (k)’ ^ carried down with the precipitate of Fe(()II )3 
and Al(OH);j will apjxvir at this point. It is therefore necessary to confirm 
the presence of Fe. 

(14) The solution may be yellow due to small amounts of (h* carried 
down with the Fe and Al pro(a])itate and ])resent at this point as Cr(l 4 ”. 

(15) At this point a slight precipitate of Al(OII):? is always obtidned 
resulting from the action of NaOII on the glass vessels, as well as from 
the chemi(^als listed in the analysis. It is therefore the qumitUij of the ])re- 
cipitate that is significant. Quantities of AI(OII )3 representing less than 
0.5 mg. AF ' ^ iK^ed not be reported in the elementary course. To deter¬ 
mine whether the precipitate obtained is of sufficient size to report this ion, 
compare the precipitate obtained with that given by 0.5 mg. AL ^^ pre¬ 
cipitated under the same conditions. 

(16) The centrifugate from the BaCr 04 should be perfectly clear; if this 
is not the case, it should be recentrifuged. 

(17) The Sf)lution always contains enough 804^ to yield some Ba804 
(w^hite) along with the BaCr 04 . To confirm, treat the precapibite with 
5 drops of hot dilute nitric acid. Cool thoroughly and add 1 dro}) of 3% 
hydrogen peroxide. A blue coloration which may rapidly disap})ear con¬ 
firms the presence of Cr 04 ". 

(18) If much chloride is present (I“ and Br“, if present, sliould be re¬ 
moved before beginning the analysis for metal ions) some or all of the CkF 
will not precipitate in Group 2 and will 1x3 found in Solution 4 , Treatment 
of the alkaline solution with H 2 S will precipitate CdS, since under these 
conditions, the S“ available from the H 2 S reaches a high concentration. 
If Cd'^'*' was not found in Group 2, it can l>e tested for at this point as. 
follows: Under the hood boil down the solution to 5 drops and then add. 
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5 drops of cone. HNOa and evaporate again to 2-3 drops. Dilute with 1 ml. 
of water, neutralize with NHa and adjust the acidity as in Orou{) 2 to 
0.3 M HCI in a volume of 5 ml. Treat with H 2 S. A yellow {)recipitiite is 
CdS. Centrifuge. Boil down the solution with constant stirring until all 
the HoS is expelled. The solution should now have a volume of 1 ml. From 
this point follow the directions in the scheme for the detection of Ni 
-f“ Ck).* 

(19) Sodium peroxide is a powerful oxidant and must be handled with 
care. It should not be allowed to come in contact with the hands, clothing, 
paper or wood, especially in the presence of small quantities of water, be¬ 
cause of the danger of starting a fire or (causing personal injiny. The quan¬ 
tity reejuired should be measmed in a perfectly dry 2 ml. conical test-tube, 
by comparison with a similar sealed tube containing 2.5 mg. of NaaOi. 
''riiis sjimple tube will be found suspended in a jxirforated bracket (see Fig. 
12 b, p. 223). The sodium peroxide is added to insure the complete pi-ecip- 
mmmmmm itfitioD of cobalt US cobaltlc hydroxide, since Co(OH )2 is slightly 
soluble in excess of NaOII. 

2 - (20) Cobalt interferes with the test by preferentially com¬ 

bining with the reagent to form a dark-colored complex ion. 
Hence an excess of the reagent must always be added. Since the 
^ test for Ni is exc^eedingly sensitive it is directed to use only ^ of 
w ® the solution for making the test. If much cobalt has been found 
and the test for Ni is slight, a control should be run using 0.0,5 
mg. of Ni^^. 

(21) If the precipitate is wliite a confirmatory test is unneces¬ 
sary since any undecomposed peroxide left in the solution does 
not oxidize the to S when the solution is alkaline. However, 
C if a precipitate of doubtful color is obtained, the confirmatory 
test for Zn must be made. C/entrifuge and wash it twice, using 5 
drops of 5% NH-iCl for each washing. Dissolve the precipitate 
in 5 drops of dil. HNO3, transfer the solution to a small beaker 
^ and evaporate to dryness. Add an additional ,5 drops of dil. HNO 3 
and evaporate to 1 drop.f Add I drop of 0.15 Af Co(NO. 02 . Dip the end 
(about 1 cm., see Fig. 32) of a strip of filter paper 2" X i" into the 
solution and then carefully (without burning) dry the paper over the micro 
burner. Repeat this operation a number of times till all the solution has 
been absorbed and concentrated within the zone “a,’^ 1 cm. from the tip. 
Add 1 drop of water to the paper at *‘b’’ (see Fig. 32) and allow it to meet 
the absorption zone. Holding the paper at ^‘c^^ with a pair of forceps, heat 
tlie end *‘a’’ containing the evaporated contents of the solution in the 
oxidizing flame of the micro burner until it takes fire. Then i-emove it 
immediaielyj allow it to burn and shake the ash into a epot plate for ex¬ 
amination. A lens and strong light should be used in examining the ash. 
If it is green, zinc is present. 

* Dissertation, H. Streker, 1940, College of the Cily of New York, 
t The purpose of this procedure is to oxidize any 8 “ or 8 *^ to 80 4 " since the former 
interfeie with the test. 
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GROUP 4. GENERAL DISCUSSION 

When, in systematic analysis, the centrifuf^ate from Group 3 is treated 
with (NH 4 ) 2 C 03 , a precipitate forms consisting of the carbonates of bar¬ 
ium, strontium and calcium. These metals (constitute Group 4. In the 
presence of sufficient ammonium i(m, magnesium is more or less completely 
prevented from precipitiiting. Ammonium ion lowers the concentration of 
the CO-r of the solution to su(;h an extent that the 8. P. constant of 
MgCOs (3 X 10“*0 is not reached. 

003“ + NH4+ ^ NH3 -f HCO3- 

The carbonates of Ba, Sr and Ca are, however, precipitated, since their 
vS. P. constants are all roughly i0,(K)0 times smaller than that of MgCO^. 
Sincce in spite of these S. P. relations, some Mg does precipitate in this 
group, especially when large amounts of tlie other ions are present, pro¬ 
vision is made for its detection in Group 4 as well as in Group 5. 

In the presence of a very high concentration of ammonium ion, appre¬ 
ciable amounts of Ba, Sr and Ca may fail to precipitate with armnonium 
carbonate (see p. 174). It is therefore necessary to destroy the large 
amounts of ammonium salts that accumulate in the analysis, before pre¬ 
cipitating Group 4. A small measured amount of ammonium chloride is 
then ad(ied to avoid as far as possible the precii)itation of magnesium in 
Grou]) 4. 

An examination of the tiible below shows that the vsolubilities of the 
chromates of barium, strontium and calcium rapidly increase in the order 
named. 


TaULE XII. SoLUHILITTKS (GraMS PER 100 ML. OF AqIJEOUS 
Solution at 25°) of Various Alkaline Earth Salts 



Barium 

Strontium 

Calcium 

Carbonate . . 

2.7 X 10' 

1 X 10 

1.3 X 10-3 

Chromate . . 

3.5 X K) ^ 

1.2 X KH 1 

2.33 

Sulphate . . . 

2.4 X 10 ^ 

1.1 X 10-" 

2.1 X 10-' 

Oxalate . . . 

1 X 10“2 

4.6 X 10-3 

8.0 X 10 ' 


It should therefore be possible by means of K )Cr 04 to separate Ba^ 
from Sr^ and Ca^^ provided the (luantity of Sr^ ’" is not too great. To 
prevent any Sr++ from precipitating when present in large amounts, the 
CrOi ion concentration of the solution is reduced. This is accomplished by 
adding acetic acid as shown in the following eejuation. 

2 Cr 04 * + 2R+^2 HCr04- H 2 O + CroO:-” 

The consequence is that while the Cr 04 ion concentration is large 
enough for the S. P. constant of BaCr04 (a relatively small number) U) be 
exceeded when 0.05 mg. of Ba'''+ is present, it is far too low for the S. P. 
constant of SrCi <)4 (a relatively high number) to be reached even when the 
solution contains 25 mg. of Sr^"^. 
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Reference to the table above will show that the solubility of SrS04 is 
considerably smaller than that of CaS04. Hence these ions may be sepa¬ 
rated by utilizing the principle of fractional precipitation. Since at ecjuilib- 
rium the ratio of the concentrations of the ions remaining in solution will 
be tlie same as tlie ratio of tlieir respective S. V. (Hmstants (see p. 79 ), 
we have 


_ 2 ^ ^ 0 ^ _ J_ 

CWt ~ C.24'x 10 -^ “ 220 

The above ratio shows that the molar concentration of must be 220 
times that of the Sr^”^ before it can precipitate as sulphate. This relation 
is the basis for the separation of Sr^^ from by means of (Nn4)2S04. 

Since, however, the latter is used in high concentration, practically all the 
Sr^'^ will be precipitated, but with it also will be sonui CaSO, when the 
quantity of Ca^^"^ in the solution is large. However, enough Ca'^"^ will be 
left in the solution to be easily identified by means of (NHi)2C2()4, since 
the S. P. constant of CaC204 is considerably smaller than that of the cor¬ 
responding sulphate. 

The separation of the ions of Group 4 and magnesium depends upon the 
following facts: 

( 1 ) The precipitation of barium chromate from an acetic acid solution, 

( 2 ) The precipitation of SrS04 and CaSOi, ser\ing to separate all of 
the strontium and most of the calcium from the magnesium that may have 
precif)itated in Group 4 . 

( 3 ) 'Die precipitation of calcium oxalate, removing the Ga left with the 
magnesium ii\ the sulphate precipitation. The Mg is then precipitated as 
MgNH4l\)4. 

( 4 ) Tlie transposition of BrS04 and CaS04 by sodium carbonate to the 
corresponding carbonates which are soluble in dilute acid. 

( 5 ) The precipitation of calcium as Ca(NH4)2Fe(CN)6. The strontium 
left in solution is precipitated as SrCO» with NaUGs in the presence of 
NaOH. 
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OUTLINE OF SCHEME 4 

(For detail directions, see below.) 

Centrifugate from Group 3 may contain Ba"^, Sr^-^, Ca"^*^, K'**, 

Na'*' and excess NH4^. Remove NH4 salts by evaporating to small vol¬ 
ume, adding cone. HNO3 and evaporating to dryness. Take up with HCl 
and water, add NH4CI, make alkaline with NH3 and then add (NH4)2003. 
Centrifuge. 


Solu¬ 
tion 1 . 
Mg^+, 

K^, 

Na+, 

Residue 1 . BaCOs, SrCOs, CaCOs, MtrCOs. Wash. Dissolve in 
acetic acid. Add K2Cr04 and centrifuge. 

Residue 2. 

BaCr04. 
Treat with 
HCl and 
make flame 
test. 

Solution 2. 
acetic acid. 

Sr+'^j Ca-^-^, + CraOr”* -f excess 

, Add (N 114)2804, heat and centrifuge. 

NH4+. 

Reserve 

for 

Scheme 

Residue 3 . SrS04, CaS04. Add 
water and Na^COs. Heat mixture 
and centrifuge. 

Solution S. 
Ca^^, Mg^+. 
Make alka¬ 
line with 
NH3 and add 
(NH 4 ) 2 C 204 . 

White ppt. is 
CaC>04. 
Centrifuge 
and treat so¬ 
lution with 
NH3 and 

5 . 


Residue, 4 - SrCOs, 
CaCOs. Wash till free 
of S04“. Dissolve ppt. 
in dil. HCl. Add NH4- 
NO3. Make alkaline 
with NH3 and add 
K4Fe(CN)6. Heat and 
centrifuge. 

Solu¬ 
tion 4. 
Na 2 S 04 , 
Na 2 C 03 . 
Reject. 



Residue 5 . 
Ca(NH 4 ) 2 - 
Fe(CN)6. 
j Reject. 

Solution 0. 

Fe(CN)r“- 
Add NaOH 
and 

Na.COa. 

Heat. 

White ppt. 
is SrCOs. 
Wash and 
confirm. 


Na-HPOt. 
Ppt. of Mg- 
NH4PO1 
shows pres¬ 
ence of 


SCHEME 4 

PROCEDURE FOR THE ANALYSIS OF GROUP 4 

Removal of Ammonium Salts.* In a 10 ml. porcelain crucible boil dow n 
the solution (under hood) until salts begin to crystallize out. Remove the 

* This paragraph is intended only for a solution obtained from Group 3 in the 
course of a complete analysis. It should be omitted in the case of a known or un¬ 
known solution containing o^ily the cations of Groups 4 and 5. In the latter case, 
using 1 ml. of known or unknown, proceed as directed in the next paragraph. 
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crucible from the tiiangle, add 1 ml. of couc. HNO 3 , ix)uring the acid 
around the walls of tlie crucible so as to w'asli down into the center most of 
the adhering salt (1). Under hood, heat cautiously as before until dry. 
Then heat more strongly until no more fumes of NH4 salts are given off. 
Cool thoroughly. Add 5 drops of dil. HCl and 15 drops of waiter, stir and 
transfer the solution to a 4 ml. test-tube. Rinse the crucible with 15 drops 
of water and combine the rinsings with the solution in the test-tube. The 
solution should be clear; if not, centrifuge and remove the clear solution 
to another tulx^ 

Precipitation of Group 4. Add 0.1 g. of NH4CI or 0.5 ml. of NH4CI 
solution of strength 0.2 g. fjer ml. Make alkaline with cone. NIL and add 
1 drop in excess. Add with stirring 0.5 ml. of (NH 1 ) 2003 . Heat in the water 
bath * with stirring for several minutes (2) apd centrifuge. Transfer the 
solution tv a 10 mi. beaker, label it Group 5, and examine it accoi’ding to 
Scheme .5. 

The |>recij)itate T may consist of BaCOs, vSrCOa, CaC-Os and MgCO:i. t 
Wash it once with 5 drops of hot water and discard the washings. Treat 
the ppt. with 5 drops of dil. acetic acid and stir. If complete solution does 
not take place, add another 5 drops of acid. Dilute the solution with water 
to 2.5 ml., heat in the water bath and then add 5-10 drops of K 2 Cr 04 . 
Continue heating and stirring for a minute. Centrifuge. Transfer the solu¬ 
tion to a 10 ml. beaker and label it Solutim 2. 


Refn(^w\2. BaCi ’04 (yellow) (3). Wash 3 timers using each time 5 drops 
of hot water. Reject the washings. Confirm by hiking up in the loop of a 
clean platinum wii-e (4) some of the ppt. and heat strongly in the flame to 
make the ppt. adhei'e to the wire. Now dip the wire containing the ppt. 
into 2 drops of cone. H(3 contained in the depression of a spot plate and 
hold again in the flame. Repeat the last operation (5) several times. A 
gi (?en flame confinns the presence of Ba ^ ^. 


Solution 2 may contain ^ Mg^L Cr^O?"' an excess of acetic 

acid. Test for complete precipitation by adding a fraction of a drop of 
K 2 Cr 04 . If precipitation takes place, add more K 2 Cr 04 , centrifuge and 

* Reagent. (NH)2C03 decomposes above 60°. Therefore the temperature of the 
bath should not exceed this temperature. If no precipitate is obtained, only traces 
of the cations of Group 4 can be present. A trace of Ba^"^ will l>e indicated if a 
precipitate is formed on treating 1 drop of the solution with 1 drop of dil, H 2 SO 4 , 
lieating and lillowing the mixture to stand. Similarly a trace of Ca"^^ can be de- 
te(‘ted by treatin^j another drop with (NIl 4 ) 2 C 204 . 

t In this group all the precipitates are fairly dense and unlike the gelatinous 
precipitates obtained in Groups 2 and .3. For this reason a veiy small tnecipitate 
may represent a significant quantity of an ion and must not l)e neglected. By means 
of a deafi platinum wire (see Note 4) take up a minute quantity of the ppt. and heat 
strongly in the flame. Moisten with a drop of dilute HCl and heat again in the 
flame. Characteristic colorations will indicate the qualitaUve presence of Ba, Sr, or 
l>oth which, however, must l>e Quantitatively confirmed as directed in the scheme 
Indow. 

1 Considerable quantities of magnesium may precipitate in this group when large 
amounts of the alkaline earth metals aie present. Hence provision has been made 
for the detection of magnesium in Groups 4 and 6. 
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discard the residm. To the clear solution contained in the beaker add 1 ml. 
of (NH 4 ) 2 S 04 and heat in the air bath for 10 minutes (6). Stir occasionally 
while heating. Centrifuge, collecting the solution in a 10 ml. beaker 
labeled Solution S. Wash Residue S twice with 5 drops of water and rejc(rt 
the washings. 


Residm 3. SrSOi, CaS 04 . Proceed to test for 
in Solution 3 as directed in the right hand, 
column. If Ca+'' is absent, then the sulphate p])t. 
consists entirely of Sr 804 and no further test for 
Sr^ ' is necessary. If Ca^*' is present, add 1 ml. of 
water and 150 nig. Na-iCOa (or 12 drops of clear 
NanCX);} solution of strength 1 ml. == 250 mg. -f 10 
drops of water). Stir while heating for 3 minutes 
(7) in the water bath. Centrifuge and disc^anl the 
solution. 


Residm 4 consist of SrCOa and CaCO.-?. 
Wash several times with hot ^stilled water using 
5 drops ejicli time, till the wasMngs are bee of 804“ 
as shown by test with BaCb and dil. IICl. Dis¬ 
solve the carbonates in 10 drops of dil. H(^l, warm¬ 
ing to aid solution. Add 0.5 ml. of NH4NO3 solu¬ 
tion of strength 200 mg. NH4NO3 per ml., make 
alkaline with cone. NH:^ and add 5 drops in excess. 
Add 1.5 ml. of 0.5 M K 4 Fe(CN) 6 , stir and heat in 
the water bath for 2-3 minutes. If no ppt. of 
Ca(NH 4 ) 2 Fe(CN )6 ff>rms, it shows that the 
(Nn4)‘2804 ppt. conskted only of 8r804. Centri¬ 
fuge, transferring the clear solution to another 
test-tube. 


Solution 3. Ca"^^, 
Mg-^^. Make alka¬ 
line with cone. NH.i. 
Add 1 ml. of 
(NH4)2C,0» (8) and 
allow^ to stand for 
several minutes. A 
white piecipitate is 
CaC 204 and indicates 
the presence of Ca^ ^ . 

To test for ^ 
transfer the mixtuie 
to a test-tube and 
centrifuge. Collect 
the clear solution in 
a 10 ml. }>eaker. Arid 
5 drops of cone. NIL 
and a few rirops of 
N ajH PO4. A wh i te 
crystalline pi-ecipita te 
of NH 4 MgP 04 shows 
the presence of Mg. 


Residue 5. 
Ca(NH4)2- 

Fe(CN)6. 


Solution 5 may contain Sr'^'*^. Add 
15 drops of NaOH (9) and 8 drops 
of Na 2 C 03 solution. Heat in the 
water bath for 3 minutes. A white 
ppt. settling slowdy, is SrCOu and 
I>roves the presence of 8r * * 


* If the precipitate is very small it may bo due to a trafie of Ca that cschikkI 
precipitation. In this case, the presence of a small amount of Sr may bo confirmed 
as follows: Centrifuge the mixture and wash the residue at least 4 times, using 
6 drops of water for each washing and heating the mixtuic each time in the water 
bath, to free it of Fe(CN)6”"“. To test for the latter, treat each portion of the wash- 
water with one di op of FeCU. The washing may be considered sufficiently complete 
when only a light blue or green coloration (no ppt.) is obtained. Dissolve the 
residue in 1-5 drops of dil. HCl. Make alkaline with cone. NHa and add 5 drops of 
(NH4)2H04. Heat in the water bath and allow to stand several minutes. A white 
ppt. proves the presence of Sr. 
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NOTES 

( 1 ) Cone. HNO3 decomfX)ses NH4CI at a lower temperature than that 
required for its volatilization. The equation for the reaction is probably 

NII 4 CI -f- IIN03-> HCl 4- NoO + 2 II^O 

(2) Small amounts of alkaline earth carbonates precipitate very slowly, 
<)wing to their tendency to form supersaturated solutions. Heating and 
.stirring not only promote precipitation, but favor the formation of large 
crystals which are easier to separate and to wash. The mixture must not 
be boiletl, for this would decompose the reagent according to the following 
i3quatioii: 

(JSlIhhCCh 2 NHa -f CX), + IW 

Owing to unavoidable losses of Ba** and 8 r++ during the conventional 
system of analysis,* only small amoiints‘hiay be left in the solution from 
Group 3. For this reason it is well to test for traces when no })recipitate is 
obtained with Nils and (NH 4 ) 2 G 03 . If snuiU amovnts of Ba^ ^ and Sr*^^ 
are to be detected in systematic analysis, it is better to employ the metliod 
of Curtman and Frankel.t 

(3) When a large amount of Sr-^^ is present, a small precipitate of 
SrCr 04 may separate at this point. For this reason the confirmatoiy" 
flame test should always be made. 

(4) The platinum wire to be used for flame tests must be free from 
any adhering substance whi(;h will impart a color to Xihe flame. Before 
using the wire it sh( 3 uld be tested and cleaned as follows: Dip it into 
some cone. HCl contained in a small watch glass and theri introduce the 
wire into the Bunsen flame. If clean, it should impart no color to the 
flame. If the flame is colored, dip the wire again into the acid and heat in 
the flame for at least ^ minute. If the color sti%persists, repeat these 
operations a number of times with a fresh portion of cone. HCl until the 
wire imparts no color to the flame. Discard the acid. If the color of the 
flame does not grow fainter after 4 or 5 treatments with acid, proceed as 
follows: Dip the red-hot wire into some borax and heat till a bead forms. 
While the latter is in the molten state and in the flame, incline the wire so 
as to cause the bead to travel back and forth over the entire length of the 
wire; then shake it off. Remove any solid matter adhering to the wire by 
scouring with sea sand and then apply the acid treatment described above. 

(5) Since BaCr 04 does not appreciably volatilize at the ternperatuie 
of the Bunsen flame, it is reduced to Cr+++ and Ba++ by the action of 
strong HCl. Several treatments with HCl ea(h followed by heating are 
usually necessary to give a satisfactoiy flame test. 

2 X BaCr04 + 8 H-^ -f 3 c Ba*^^ + Cr^++ -f 4 H 2 O 

3 X 2 Cl ^ CI 2 4- 2 c 

2 BaCr 04 4- 16 H+ + 6 CD 2 Ba++ 4- 2 Cr+++ + 8 H 2 O 4 - 3 Cb 

* Curtman and Frankel, J. A. C. S., 33 (1911), 724. 

t/. A. C. iS., 34 (1912), 1493. 
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( 6 ) The precipitation of SrS 04 with (NH 4 ) 2 S 04 under the conditions 
of the procedure is practically complete in 10 mintues. At the same time, 
some CaS 04 may also precipitate at this point. However, enough remains 
in the sulphate solution to yield a decisive test for calcium with (Nn 4 ) 2 C 204 . 

(7) By boiling with Na 2 C 03 , the sulphates are trans])osed to the cor¬ 
responding carbonates; the latter dissolve readily in dilute acid. 


SnS04 -f CO.r SrCOa -h 8O4*” 

LaS 04 “b C Oj" C aC O 3 “b 804 "* 

( 8 ) The presence of Mg^^ prevents the ])recipitati()n of small amounts 
of calcium as CaC 204 unless a considerable excess of (Nll 4 ) 2 C 2()4 is added. 

(9) The purpose of adding the NaOH is to prevent the hydrolysis of the 
ferrocyanide ion when the solution is boiled, with consequent precipitation 
of feiTocyanic acid. 

GROUP 5. GENERAL DISCUSSION 

The centrifugate from Group 4 will contain those cations unprecipitated 
by the group reagents HCl, II 2 S, (NH 4)28 and (NH 4 ) 2 C 03 . These ions are: 
IVIg"^^, Na^ and NbL"^. Magnesiiiin is more closely related in its 
properties to the alkaline earth metals but ai)pears in Grouj) 5, owing to 
the presence of NIL salts either added or formed in systematic analysis. 
For this reason also the centrifugate from Grouj) 4 should never be tested 
for NH 4 +. 

Due to the i^ight solubility of the carbonates of the alkaline earth metals 
in NII4 salts, the centrifugate from Group 4, when these metals are present, 
will always contain small quantities of the alkaline earth metals. Siri(*e 
these ions interfere with certain precipitation and flame tests, they are i‘e- 
moved by treating the centrifugate from Group 4 with a little (NH 4 ) 2 S 04 
and (NIl 4 ) 2 C 204 and centiifuging the mixture. 

In the scheme provided in this book, tests foi’ the ions Mg+^', K+ and 
Na^ are individually made on separate })ortioiis of the centrifugate 
from Group 4. 

A portion of the solution is tested for Mg*"’' by precipitating it as 
MgNH 4 P 04 .* Neither NH 4 + nor K+ interferes with tliis test, but small 
amounts of the alkaline earths such as are likely to be present in the 
centrifugate from Group 4 would yield a precipitate with Na-illPOi, and 
hence these metals are removed before applying this test. 

In making the test for K-^ with Na;}Co(N02)6, all ammonium salts must 
be eliminated since they too react with this reagent. By evaporating the 
solution to dryness and igniting the residue, the NH 4 salts may be com¬ 
pletely volatilized. The residue now free from NIL salts is taken into solu¬ 
tion and separate portions tested for K+ and Na+; the former, by means of 
Na 3 Co(N 02)6 and the latter with the sodium reagent. 

* For losses of in systematic analysis, sec article by Curtman and Mermel- 

stoin, Rec, trav. chim., 63 (19.34), 34. 
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OUTLINE OF SCHEME 6 

(For details see below.) 

Centrifugate from Group 4 may contain Mg+^, K'^, Na'^, also 

traces of Group 4. Add (NH 4 ) 2 S 04 and (NH 4 ) 2 C 204 , heat and centrifuge. 


Residue L 

BaS 04 , 

SrS04, 

CaC204. 

Reject. 

Solution /. Na+, NH 4 ^ salts. Concentrate by evaporat¬ 

ing to 1.5 ml. and divide into 2 portions. 

Test for in 

0.5 ml. of Sola- 
tion /. Add NHs 
andNa2HP04. A 
white crystalline 
ppt. is NH 4 Mg- 
PO 4 . Confirm if 
necessary with 

magnesium rea¬ 
gent. 

Test for Na'^ and in 1 ml. of Soludiou t . 
Evaporate, add cone. HNO.-}, evaporate 
and heat strongly to remove NH 4 salts. 
Take up with 3 drops of water and centri¬ 
fuge. Divide. 


Test 1 drop for Na'^ 
by adding 3 drops 
of Na reagent. 
Shake and allow to 
stand 10 minutes. 
Yellow crystalline 
ppt. shows presence 
of Na+. 

7'est 2 drops for K^. 
Acidify with acetic 
acid and add 1 drop 
of Nfc3Co(N02)6. 
Warm. Yellow ppt. 
shows presence of 
K^. 


Tefit for NHa^ on separate portion of original solution or substance. Add 
NaOH to alkaline reaction. Cover beaker witli watch glass. Vapor turning 
red litmus blue shows presence of NH 4 '^. 


SCHEME 6 

PROCEDURE FOR THE ANALYSIS OF GROUP 5 

The centrifugate from Group 4 may contain Mg"y and Na"^ and 
NH 4 ^ ; also small quantities of the alkahne earth ions due to the slight solu¬ 
bility of the carbonates in NH4CI, The test for NH 4 " is ne\'er made on this 
centrifugate but on a separate portion of the unknown as described in 

3 below. 

Removal of Traces of Alkaline Earth Ions. To the solution from Grotip 

4 contained in a test-tube add | drop each of (NH 4 ) 2 !S 04 and (NH4)2C20i. 
Heat in the water bath with stirring for several minutes and centrifuge. 
Discard the residue. Concentrate or dilute the solution to 1.5 ml. Set 
aside 1 ml. of this solution for the Na"^ and tests and use the remainder 
for the test for Mg"’’^. 

1, Test for Magnesium) 0.6 ml. To the solution in a test-tube add dil. 
NHs to alkaline reaction and then 5 drops of Na 2 HP 04 . Shake the mixture 
and allow to stand for 5 minutes. A white crystalline ppt. is NH 4 MgP 04 
(1). To confirm, centrifuge the mixture. Wash the ppt. twice with 5 drop 
portions of water. Discard the washings. Dissolve the ppt. in 5 drops of 
dil. HCl. Warm to aid solution. Add 1 drop of magnesium reagent and 
then NaOH with stirring until alkaline. A sky-blue ppt. proves the 
presence of Mg (2). 
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2. Tests for Na*^ and Transfer 1 ml. of the solution reserved above 
to a 10 ml. porcelain crucible. Rinse the tube with 2 drops of water and 
unite the rinsings with the solution. Boil down the solution to 3 5 drops. 
Add 0.5 ml. cone. HNO3, allowing the acid to drain the walls of the crucible 
so as to wash down into the center most of the adhering salt. In the hood 
boil down gen% to dryness and continue to heat until no more fumes of 
NHi salts are given off. Cool, then place the crucible on a pipe stem tri¬ 
angle and heat strongly, hut below a red heaty heating the walls as well as the 
bottom of the crucible (3) until no more fumes of NH 4 salts are given 
off (4). Cool. Add 3 drops of water, stir and heat to aid solution. Transfer 
the solution to a 2 ml. centrifuge tube, warm and centrifuge. Use separate 
portions of the clear solution for the K'*' and Na'*' tests as follows: To exactly 
1 drop of the clear solution in a perfectly clean centrifuge tube, add 5 drops 
of sodium reagent. Shake well and allow to stand for 10 minutes. A yellow 
crystalline ppt. shows the presence of Na"^ (5). To the other 2 drops of the 
clear solution in the centrifuge tube add acetic acid to acid reaction and 
then 1 drop of Na 3 Co(N 02 ) 6 . Warm in the water bath and then allow to 
stand for a few minutes. A yellow ppt. of K 2 NaCo(N 02 )c shows the 
presence of ( 0 ). 

3. Test for NHU. Introduce into a 5 ml. beaker 10 mg. of tlie finely 
ground original solid substance or such a part of the original volume as 
would contain about this weight of dissolved unknown. With known solu¬ 
tions use 4 drops and evaporate carefully to 1 drop. Now add NaOH to the 
beaker in small drops with stirring until the mixture is decidedly 
alkaline. Then cover the beaker with a 3.5 cm. watch glass on the under 
cf)nvex side of which has been placed a small piece of moistened litmus 
paper, (k)ver the beaker with a larger beaker to keep out lai)oratory 
fumes and allow to stand. Blue coloration of litmus pai^er or the odor of 
NH3 shows the presence of NIL'’" (7). 

NOTES 

( 1 ) This test for is not conclusive unless all other ions capable of 

reacting with Na 2 HP 04 are eliminated. Hence traces of the alkaline 
earths are removed with (NH 4 ) 2 S 04 and (NH 4 ) 2 C 204 . A flocculent pre¬ 
cipitate of AIPO4 which sometimes forms is easily distinguished from the 
magnesium precipitate by its insolubility in acetic acid. 

(2) In this test, the precipitated Mg(OH )2 adsorbs some of the dye with 
the formation of a characteristic colored lake. A large quantity of NH4'’‘ 
would interfere with the precipitation of Mg(On )2 and hence interfere 
with the test. However, the well-washed MgNH 4 P 04 does not supply 
sufficient NH 4 '’' to impair the test. The only ions that yield precipitates 
that could possibly be mistaken for Mg+'’' are Ni^'’^ and Co'’""’*. AH'’"’", 

and the alkaline earth ions which interfere with the phosphate test 
do not form lakes with the reagent. 

(3) The ignition is best conducted by holding the burner in the hand 
and directing the flame against the sides as well as the bottom of the 
crucible. It is important to remove all the NH4 salts since very little NH4'^ 
will give a precipitate with Na 3 Co(N 02 ) 6 . 
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(4) If no residue is left and the ignition has been properly conducted 

it shows the absence of Na*^ and The residue often contains a 

small quantity of carbon resulting from the carbonization of organic im¬ 
purities present in the NH 3 and in the NH 4 ^ salts. In the residue will also 
be found a small quantity of silica wliich accumulates at this point in the 
analysis. Both these impurities are easily removed, since they are in¬ 
soluble in water. 

(5) When the reagent is prepared as directed in the Appendix, it is 
capable of detecting 0.1 mg. of Na^ in the presence of 10 mg. K'^. Phos- 
phate and oxalate each yield a precipitate with the sodium reagent. If all 
metals except Na have l^een shown to be absent in a substance containing 
phosphate or oxalate, the test for Na'^’ may be made as follows: Precipitate 
the 0204 “" or 1 ^ 04 "^ by adding an excess of CaCb to the solution rendered 
alkaline with NH3. Centrifuge, discard the precipitate and concentrate the 
centrifugate by evaporation to a few drops. Centrifuge again, if necessary, 
and to the clear solution add some sodium reagent. 

(6) A slight precipitate may be due to the presence of a small amount of 
NH 4 ‘'‘. To confirm, heat the tube in the water bath until the color of the 
solution changes to the pink of the hydrated Co'^'^, indicating that the 
excess reagent has been destroyed. At the same time any NH 4 *^ will have 
been decomposed by the nitrite of the reagent. Cool and add a few more 
drops of the reagent. A yellow precipitate confirms the presence of 

(7) In making this simple test, a sufficient quantity of NaOH must be 

added to make the mixture decidedly alkaline as indicated by a test with 
litmus paper. Should the solution contain such ions as Al'*"^'^ and 

in addition to NH 4 "^, they will each compete with the NH 4 “^ for the 
OH” and depending upon their respective concentrations and the equilib¬ 
rium constants of the hydroxides which they form, they may consume a 
large part of the OH” that is added. Only when the resulting mixture is 
alkaline, can one be sure that an excess of OH” is present and that the re¬ 
action between NH 4 ^ and OH” has taken place. The smaller the volume 
of the final solution in which the NH3 is liberated, the greater will be the 
concentration of the latter and the more readily will it be detected. Hence 
in carrying out this test, a large excess of the base should be avoided. 

This test is sufficiently sensitive for the detection of comparatively 
small quantities of NH 4 '^ ivithoiit heating^ if a large excess of the alkali is 
avoided and the reaction mixture is thorouglily stirred. Smaller amounts 
of NH 4 ‘^ may be detected by gently heating and constantly stirring the 
mixture in a beaker but never in a test-tube. It is extremely important to 
remember in making this test that the alkaline mixture shows a decided 
tendency to bump when heated and that unless the mixture is constantly 
stirred and care exercised not to bring the face directly over the beaker 
during the heating, there will be danger of having the alkaline liquid 
spurted into the eyes. Do not smell the vapors while heating the mixture 1 
After heating the mixture for about a minute over a low flame, remove the 
beaker from the flame and caidioudy smell the va{X)r. 



ANALYSIS FOR ALL GROUPS 


289 


OUTLINE OF THE ANALYSIS OF AN UNKNOWN 
SOLUTION FOR ALL GROUPS 

Test for NHi* on a small portion of the original solution (p. 287, 3). To the 
remainder of the solution, add dil. HGl and centrifuge. 


Residue 1 . 

AgCl, 

Solutuui 1 contains cations of Groups 2 
saturate with H 2 S p. 260. Centrifuge. 

- 5. Adjust acidity and 

Hg'iCh, 

phnio 

Residue 2. 

HgS, PbS, 

Solution 2 

contains arsenate and 


BijSa, CuS, 

Cd«, As.,S 3 , 

the cations of Groups 3, 4 and 5, 


86283 , SnS 2 . 

Treat with 

HCl and . 

H 2 S. Precipitate the 

t/lUtiU Oft/*" 

KOH (p. 262) and centri- 

arsenic according to the procedure 


fuge. 


on p. 270 and centrifuge. Remove 




excess acid and HoS from the solu- 

p. 253'. 

Residue 2A . 

Solution 2B. 

tion. add NH 4 CI and 

NH 3 . and 


HgS, Pb8, 
Bh&, CuS, 

HgS.", 

AsO,-, 

treat with H 2 S. Centrifuge. 


CdS. 

AsSr,' 

Residue 3, 

Solution 3 contains the 


Analyze as 

Sb(OH)4-, 

NiS, CoS, 

cations of 

Groups 4 


directed in 

SbSr, 

A1(0H)3, 

and 5. Acidify with 


Scheme 2A, 


Cr(OH) 3 , 

acetic acid, boil out 


p. 263. 

SnSj". 

FeSa, 

H 2 S and centrifuge. 



Analyze ac- 

1 MnS, ZnS. 

Discard residue. 



cording to 

Analyze 

Evaporate 

solution 



Scheme 2B, 

according 

and destroy NH 4 



[). 267. 

to Scheme 

salts according to the 




3, p.273. 

procedure on p. 281. 





Add ILO, NH 4 CI and 





(NH.l-iCOa 

and cen- 





trifuge. 






Residue 4 . 

Solution 4 





BaCOa, 

contains 





SrCOd, 

Mg^-+, 





CaCOa, 

K+ and 





MgCOa. 

Na+. 





Analyze 

Analyze 





accord- 

accord- 





ing to 

ing to 





Scheme 4, 

Scheme 5, 





p. 281. 

p. 286. 


METALS AND ALLOYS* 

With the exception of antimony, tin, aluminum and chromium, 
all the common metals may be taken into solution with (1 :1) 

* The latter also ineludes amalgams 
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nitric acid. Aluminum dissolves so slowly that it is not practical 
to use nitric acid as a solvent. Antimony and tin are oxidized 
respectively to SLoOb and H2Sn08, both of which are insoluble in 
water and in nitric acid. Arsenic is oxidized to H2As04“. Hydro¬ 
chloric and other non-oxidizing acids are unsuitable for the solu¬ 
tion of alloys, since the non-metallic elements that may be present 
as sulphide, arsenide, phosphide and silicide would be converted 
into their corresponding hydrogen compounds, all of which are 
volatile. Besides, on boiling in HCl solution much As and to a 
smaller extent Hg, Sb and Sn would also be lost through volatiliza¬ 
tion of their chlorides. Nitric acid or aqua regia on the other hand 
oxidizes them respectively to HS()4”, H2As04~, H2PO4 ‘ and H2Si03. 
Alloys which resist the action of nitric acid may generally be taken 
into solution with aqua regia. However, certain alloys containing 
a high percentage of silicon will not readily dissolve in HNOs or 
in aqua regia. Such alloys should be fused with NaOH in a silver 
crucible. When decomposition is complete, cool the crucible, 
transfer it to a beaker and extract the melt with water. Remove 
the crucible. Strongly acidify the contents of the beaker with 
HNO3, evaporate to dryness and proceed as directed in the scheme. 


SYSTEMATIC ANALYSIS OF A METAL OR ALLOY 

Weigii out on the pulf) balance 25 mg. of the metal or alloy in tlu? form 
of shavings, foil, filings or turnings. Transfer it to a perfectly dry 4 ml. 
test-tube. Add 10 di’ops each of water and cone, niti ic acid and heat in the 
water hath with occasional stirring until disintegration is complete. See 
note ( 1 ). Transfer the mixture to a 5 ml. beaker. Rinse the tube with 
2 drops of water and add rinsings to the beaker. On a wire gauze under the 
hood carefully boil down the solution to about 1 drop and then allow the 
heat of the hot gauze to complete the evaiK)ration just to dryness. Add 
5 dro[)s of con(\ HNO 3 and cautiously and gently heat for a few seconds. 
Dilute with 1 ml. of water ( 2 ), stir and heat to boiling. Two cases may 
arise. 

(a) Solution is clear. Antimony and tin are absent. See note (3). 
Analyze the solution for the metals of Groups 1 , 2 , H 2 ASO 4 ", Groups 3, 4 
and 

(5) A white or greenish-white residue remains. The presence of Sn or 
Sb or both is indicated.* Transfer the mixture to a 4 ml. fyrex test-tube 

* If the residue is very small, a larger original sample, 50-75 mg., of the alloy 
may be treated with a proportionally greater quantity of nitric acid, the solution 
discai ded and tho residue analyzed only for Sb and Sn. 
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and centrifup. Remove centrifugate (SoMion 1) to another test-tube, 
and set it aside for later examination. 


Solution 1. Add dil. H(’], stir, allow U) .stand and 
centrifuge. 


Residue S. Solution 3. Adjust the acidity to 
Analyze 0.3 M HCl. Saturate with H 2 S and 


for 

Oroup 1 
metals. 


centrifuge. 


Residue 4 . Wash and 
treat with KOH solu¬ 
tion and H 2 S. C'entri- 
fuge. 


Residue 5. 
Combine 
with Resi- 
due 2 and 
analyze 
for 2 A. 


Solution 6 . 
Combine 
with Solu¬ 
tion 2 and 
analyze for 


Soluiioii 4' 

Analyze 

for 

H2AsOr, 
H 2 PO 4 , 
Groups 3, 
4 and Mg. 


Residue 1 may be SbxOs, 
SnOa, HiaOa, P20 n, AszOt, SiOj, 
C and ti aces of ('u, Pb, Fe, etc. 
See noU‘ (4). Wash it twice us¬ 
ing 2 drops of water for each 
washing and stirring before cen¬ 
trifuging. Combine the wash¬ 
ings with Solution 1 . Dry the 
residue as follows: By means of 
a wire test-tube clamp, hold the 
tube in a horizontal position 
and then rapidly wave the micro 
flame over the entire length of 
the tube until all tlie moisture 
has been expelled (Fig. 33). 
Cool the tube. With a glass rod 
powder the residue and mix it 
intimately with 150 mg. of a 
mixture of equal parts of S and 
Na 2 COa. Remove the rod. 
Heat the tube slowly at first 
and then raise the temperature 
to a red heat, (continue the 
heating until the melt is thor¬ 
oughly fused (r)). At this point 
the melt will appear as a red uni¬ 
form transparent liquid. Cool 
thoroughly. Add 1 ml. of water, 
stir and heat in the water bath 
until extraction is complete. 
Centrifuge. 


Residue 2 may 
consist of 
BizS,, CuS, 
PbS [FeS]. 
Wash twice, 
using 2 drops 
of water for 
each washing. 
Reject wash¬ 
ings. Com¬ 
bine with 
Residue 5. 


Solution 2 may 
contain A 8 S 4 ", 
SbS 4 "’, SnSa". 
P 04 ‘^ (see note 
(6)),S”, S2''and 
Na^. Combine 
with Solution 5. 


NOTES 

(1) If the alloy is not attacked by HNO. 1 , treat a separate 25 mg. sample 
in a test-tube with 20 drops of aqiia regia (16 drops of cone. HCl and 4 
drops of cone. HNOs). Heat in the water bath till the entire sample is dis¬ 
integrated. Transfer to a small beaker and carefully boil down just to 
dryness. Add 10 drops of cone. HCl, heat gently, dilute with 1 ml. of 
w^ater, stir and heat to boiling. Cool to room temperature and centrifuge. 
The residue may consist of AgCl, PbCb and SiOx. The solution may con- 
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tain the metals of Groups 2, 3 , 4 and 5 and H2ASO4 , H2PO4 and 
HSO4-. 

( 2 ) The nitric acid solution is evaporated to dryness to remove the 
excess of acid and to dehydrate any silicic acid that may be present. The 
residue is heated with 5 drops of cone. HNOs to dissolve any basic salts 
that may have formed, and the solution is diluted with 1 ml. of water to 
insure the solution of large quantities of Pb+'^ and the nitrates of 

which are difficultly soluble in strong nitric acid solution. A drop of this 

solution may be tested for S04“ 
})y diluting with 2 drops of water 
and adding 1 drop of BaCb. 

( 3 ) Minute (unreportable) 
amounts of Sb may be taken com- 
I)letely into solution. 

( 4 ) I'he elementary constitu¬ 
ents of the white residue may 
exist in a variety of insoluble com¬ 
binations; thus some of the tin 
and bismuth may be present as 
})hosphate and arsenate. Meta- 
stannic acid possesses to a high 
degree the property of adsorbing 
a large number of substances and 
hence the white precipitate is fre¬ 
quently contaminated by small 

33 amounts of Gu, Pb and Fe. Fre¬ 

quently only a slight black residue 
of carbon from carbides is obtained at this point. It may bo separated by 
centrifuging and confii-med by heating it strongly on a ])}atinum foil. 

( 5 ) Upon fusion with Na-iCOa and 8 the SnfJe and vSl)2()r> are converted 
to corresponding thio compounds according to the following equations: 

2 Sn 02 -f 2 COr + 9 S -> 2 8083* -f- 2 CO. + 3 80 . 

SbaOs + 3 CO3" -f 12 8 2 81)84^ + 3 CO^ -f 4 80 . 

(6) Phosphate may be detected in this solution as follows; Acidify with 
HCl and centrifuge. The residue will consist of the sulpliides of 2]^ and the 
centrifugate will contain tlie phosphate. The residue sliould be combined 
with the corresponding precipitate obtained after acidifying Solution 6, 
The centrifugate containing the P04^ is boiled in a beaker to drive off the 
II28, treated with 3 drops of cone. UNO3 and evaporated to 1 drop. The 
solution is then diluted to 5 drops and treated with 5 drops of (NH4)2Mo04. 



THE ANIONS* 

This brief course will enable the student to detect the anion in a fairly 
large number of simple substances, 

* For an explanation of the classification of the anions, see p. 186. 
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PRELIMINARY EXPERIMENTS 

Note. Perform carefully the experiments described under each anion, 
using the amounts of material specified. Record concisely the results of 
each experiment in your notebook. On completing this work, present your 
notebook to your instructor for examination. 

THE ANIONS OF GROUP I (THE SULPHATE GROUP) 
C03“, SO4*", SOa", PO4 ', BO2", F~, C2O4", AsOa", AsOi”” 
and Cr04“ 

Carhonate-ion, COs” 

Action of Dilute H 2 SO 4 . In a dry 2 ml. conical test-tube treat about 20 
mg. of NaaCOs with 1 drop of dilute H2SO4. Note the elTervescence and 
write the e(|uatioii. Add another drop of acid and note further efferves¬ 
cence. Why? Calculate how many drops of 3 A H2SO4 are 
recpiired to react completely with 20 mg. of anhydrous 
Na2C03. A colorless and odorless gas, evolved on the addition 
of acid to an unknown, is generally C'Oj and indicates the 
presenc.e of a carbonate. A drop of Ba(OH)2 held in the loop 
of a platinum wire and lowered into the tube will become tur¬ 
bid due to the formation of BaCOa (see Fig. 34 ). Write the 
equation. 

Notes. ( 1 ) Because of the universal presence of carbonates 
in substances yielding an alkaline reaction, such as hydrox¬ 
ides and certain sulphides, a weak test is frequently obtained. 

Therefore judgment should be exercised in reporting car¬ 
bonates. 

( 2 ) The carbonates of the hea\’y metals such as Ag, Hg, 

Pb, Bi, Cu and Fe are not readily decomposed by the cold 
dilute acid. They are all decomposed, however, by warming 
the acid. 

Sulphate-ion, SO4” 

Precipitation of BaS 04 in Dilute HCl Solution, (a) In 

a test-tube dilute 2 drops of the test-solution * of S04“ with 
5 drops of water. Now add 2 drops of dilute HCl and 1 drop 
of BaCb. What is the precipitate which forms? Write the 
equation. Add 3 more drops of dilute HCl and heat in the 
water-bath. Note the character of the precipitate as well as its insolubility 
in dilute HCl. 

(6) To 2 drops of the SO4** test-solution in a test-tube, add 8 drops of 
water. Mix well. What is the concentration of this solution? Now repeat 
experiment (a) using 2 drops of the diluted solution. Note the size and 
character of the precipitate. 

Notes, ( 1 ) This simple test is the one which is usually made for sul¬ 
phate; but the following precautions must be observed: 

(o) The solution should first be acidified with HCl or HNO3. Why? 

* All testr^lutions (unless otherwise stated) contain 10 mg. of the ion per ml. 
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(6) The solution should not have too high a concentration of HCl or 
HNOa. To 2 drops of cone. HCl add 1 drop of BaCl2. Wliat is the pre¬ 
cipitate which forms? Dilute the mixture with 5 drops of water and shake 
the mixture. Explain the result. To 1 drop of cone. HNOs, add 1 drop of 
BaCl2. Note the formation of a precipitate. Dilute the mixture with 10 
drops of water and mix thoroughly. Observe that the piecipitate dissolves. 

(o) The solution should not contain the metal ions Ag^, Pb^ ^ or Hg2'' % 
which would yield a precipitate with the Cl ions of the BaCl2. In such 
(^ases the metal should be removed first, either by adding an excess of 
HCl and filtering off the precipitated chloride, or by boiling the substance 
with Na2C03, centrifuging, and acidifying the centrifugate with HCl 
(see the making of a “prepared solution,” pp. 303 , 308 ). 

(2) This test for sulpliate is exceedingly delicate and hence is used in 
testing reagents for small amounts of this ion when present as an impurity. 

Questions. (1) How would you test each of the following substances 
for sulphate? (a) commercial Na2C03; (h) com;. HCl; (c) cone. HNO3; 
(d) SbCU; (e) Pb(C2H302)2; (/) commercial NaOH. 

(2) How would you identify the SO.1” in Ag^SOi? 


SULPHITE-ION, SOs"* 

Weigh out 80 mg. of Na2S03 and use approximately one-fourth = 20 mg. 
for each of the following experiments. 

1. Action of Dilute Acid. In a test-tube treat 20 mg. of Na2S03 with 
2 drops of dilute H2SO4 and shake the mixture. Note the effervescence; 
also the odor of SO2. Write the equation. 

2. The Bleaching of KMn 04 by SO 2 . In a depiession of a spot plate 
mix 2 drops of 0.02 M KMn04 with 2 drops of dil. H2SO4. Take up a drop 
of this solution on a small loop of a platinum wire. In a 2 ml. dry conical 
test-tube, treat 20 mg. of Na.S03 with 2 drops of dil. H2SO4 and then 
immediately lower the loop containing the KMnOi into the tube above 
the reaction mixture (see Fig. 34 ). Do not allow the drop to touch the sides 
of the tube. Note that the KMn04 is bleached. Write the equation for the 
reaction which takes place, 

3. Action of H2S on H2SO8. Dissolve 20 mg. of Na2S03 in a test-tube 
with 4 drops of water. Add 2 drops of dilute HCl. Now pass in H2S and 
observe that a precipitate of S is formed. Write the equation. Reaction 4 , 

p. 188 . 

4. Detection of Sulphate in Sulphites. Nearly all sulphites contain 
sulphate as an impurity due to atmospheric oxidation of the former. To 
(;onfirm this statement, treat 20 mg. of Na2S03 with 0.5 ml. of water and 
4 drops of dilute HCl. Now add 1 drop of BaCb, shake the mixture and 
allow it to stand for several minutes. Wliat evidence have you of the 
presence of sulphate? 

5. Bleaching of Fuchsin Solution. Carry out test as given on p. 188 . 
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Phosphate-ion, PO4* 

1. Precipitation with Ammonium Molybdate. Treat 2 drops of P 04 ® 
test-solution with 3 drops of dilute HNO 3 and 2 drops of (NH 4 ) 2 Mo 04 
solution. Shake the mixture. Note the formation of a yellow precipitate 
which is hastened by heating. Write the equation. 

2. Sensitiveness of the Ammonium Molybdate Test. In a 4 ml. test- 
tube dilute 2 drops of the test-solution of PO 4 * with 8 drops of water. 
Mix well and reserve some of this solution for experiment 3 . Repeat ex- 
|)enment 1 with 2 drops of this diluted solution. What can you say about 
the sensitiveness of this test? 

3. Action of Magnesia Mixture. To 2 drops of the diluted solution 
prepared in 2, add 5 drops of water, 2 drops of dilute NH 3 and 2 drops of 
magnesia mixture (MgCb -f NH4CI -f- NH^). Note the nature of the 
precipitate. Write the equation. Arsenates give a similar reaction. Deter¬ 
mine whether or not the precipitate dissolves in acetic acid. Write the 
eciuation. 

Tests 1~3 do not distinguish P 04 “‘ from As() 4 ®. How would you dis¬ 
tinguish 1 ^ 04 ”" from ASO 4 '"? 


OXALATE-ION, 0204" 

1. Precipitation of CaC 204 . In a small test-tube treat 2 diops of the 
0204 “ test-solution with I drop of acetic acid and I drop of CaCb. Tlu* 
precipitate is CaC 204 . Write the expiation. Reserve the precipitate for the 
following experiment. 

2. Bleaching of Mn 04 by €• 204 ’^. To the precij)itate ol)tained in 1, 
add 0 drops of dilute H 2 SO 4 . Heat the tube in the water batli. Now add 
0.02 M KMn 04 dropwise until 2-3 drops have been added. Observe that 
the KMn 04 is bleached. Write the ecjuations foi' the reactions. How many 
drops of 0.02 M KMn 04 sliould be bleached by 1 mg. of C2O4”? How 
would you determine the strength of a solution of (NH 4 ) 2 C 204 ? Which 
other acids bleach Mn 04 in acid solution? 


Bokate-ion, B02~ 

1. Flame Test. Mix on a watch-glass 5-10 mg. of borax with an equal 
bulk of CaF 2 . Add 1 drop of cone. H 2 SO 4 and stir the mixture with a glass 
rod till a uniform paste results. Bring the end of the glass rod which has 
been dipi 3 ed into the paste near the edge of the Bunsen flame until it al¬ 
most touches it. Note that as the rod becomes hot, the edge of tlie fame 
turns green in color. The equations for the reactions show that BF;$ is 
formed and as this compound is very volatile, its vapor enter-s the flame 
and colors it green. Cu and Ba salts do not interfere, since they volatilize 
at a higher temperature. Write the equations for the reactions which take 
place in this test. 

2. Test with Turmeric Solution. See p. 192. 
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Fluoride-ion, F- 

1. Bleaching of Alizarin Zirconium Lake Test, (a) On a spot plate 
mix one drop each of zirconium * and alizarin solutions. Note the violet- 
red color of the precipitate. Now add 1 drop of the test-solution of and 
note that the color clianges to a greenish yellow. Oxalate in large amount 
also gives this test. Insoluble fluorides also give the test but oxalate must 
first be proved absent. 

(/;) In a 4 ml. test-tube dilute 2 drops of the test-solution of F~ witli 8 
drops of water. Mix well. Rej)eat experiment (a) with 1 drop of this di¬ 
luted solution. 

2. The Water-bead Test. See p. 318. 

3. The Etching Test. See p. 193. 

4. Modified Etching Test. Sec p. 318. 

Arsenite-ion, AsOi" and Arsenate-ion, As 04 * 

These anions have been considered in connection with the cations. 

Chromate-ion, Cr04“ 

1. Color of Chromate Solutions. Observe that the test-solution con- 
biining 10 mg. of Cr ()4 '’ per ml. is yellow. Is a solution of a concentration 
of 0.1 mg. Cr 04 ’‘' per ml. also colored? To answer this question, dilute 2 
drojis of the test-solution in a 10 ml. cylinder with 10 ml. of water. What 
is the strength of this solution? Mix well by pouring the solution back and 
forth into a small beaker*. Examine the solution against a w'hitc back¬ 
ground. Is it colored? Reserve this solution for the following experiment. 

2. Oxidation of a Chromate to Perchromic Acid. In a depression of a 
spot plate treat 5 drops of the diluted test-solution prepared in exp. 1, 
with 1 drop of dilute HNO 3 and 1 drop of H 2 O 2 . Note the })lue color. 

3. Change of Chromate to Dichromate and Vice Versa. In a test-tube 
treat 5 drops of the test-solution of Cil) 4 ™’ with 1 or 2 drops of dilute 
HNO 3 . Note the change in color. Write the equation for the reaction. 
Now add NaOH dro}) by drop (2 drops) until alkaline. Observe the return 
of the yellow color. Write the equation. 

4. Reduction of Chromate by H-iSOs. In a depression of a spot jrlate 
treat 2 drops of the Cr 04 “ test-solution with 5 drops of dilute HCl. Now 
add 20 mg. of NaaSOa and stir. Observe that the color changes. Write 
the equation. 

THE ANIONS OF GROUP II (THE CHLORIDE GROUP) 
Cl-, Br-, I-, CNS- and S- 

1 . Action of AgNOs in HNO 3 Solution. Arrange 5 test-tubes in the 
rack in the following order: 1 Cl“, 2 Br“, 3 I", 4 CNS“, 5 S". To 2 drops of 
each of the test-solutions of the anions of this group contained in the 
appropriate test-tubes, add 3 drops of water, 5 drops of dilute HNOs and 
1 drop of AgNOs. Shake the mixtures. Note that AgCl and AgCNS are 

* There are two zirconium solutions. Use the weak solution labeled “ For fluoride 
test.” 
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white, AgBr light yellow, Agl yellow and Ag 2 S black. Decant the clear 
solutions. Now add 5 drops of water to each tube, shake, allow the pre¬ 
cipitates to settle and again pour off the clear solutions. Now add to each 
2 drops of water and 2 di'ops of concentrated NH.i. Shake the mixtures 
and allow them to stand. Note that only AgCl dissolves completely in the 
NIL. 

SPECIAL TESTS 

Chloride-ion, Cl 

1 . Sensitiveness of the Chloride Test with AgNOs. In a test-tube 
dilute 2 drops of the Cl test-solution with 8 drops of watei*. Mix thor¬ 
oughly by pouring back and forth into another small test-tube. Repeat 
previous experiment using 2 drops of this diluted test-solution. Note the 
size of the precipitate which forms after shaking and standing. 

Notes. (1) In the absenc^e of bromide, iodide and thiocyanate (also 
cyanide and ferrocyanidc) a white precipitate obtained with AgNOr> in 
an a(ad solution containi?ig about 10% of cone. UNO.} is taken as a test 
for a chloride. An excess of 10 %, of cone. lINOa is necessary to pren^ent th(‘ 
precipitation by AgNOx of some of the anions of Croup 1 , notably sul])hate 
and oxalate. 

( 2 ) Because of its sensitiveness, this test with AgNO:^ is generally em¬ 
ployed to detect chloride as an impurity in reagents. 

Questions. How would you detect chloride in the following substances? 
(a) commercial Na 2 CO, 3 ; (h) NaOli; (c) Na 2 S 04 ; (d) Na 2 C 204 . 

Bromide-ion, Br" 

2. Oxidation of Br~ by Strong HNO 3 . To 2 drops of Br ' test-solution 
contained in a 2 ml. conic^al test-tube, add 2 dro])s of com*. HNO.t. Heat the 
water bath to boiling and then insert tube for no more than 80 seconds. 
Remove the tube and cool it in a beaker of cold water. Now adtl 2 diops of 
CCI4. Place a glass rod in the tube and agitate the mixture. (See Fig. 81.) 
Note that the CCI4 layer is brown. Write the ecpiation. 

Iodide-ion, I 

3. Oxidation of I” by H 2 O 2 . Treat 1 drop of the test-solution of I* in 
a 2 ml. conical test-tube with 1 drop of water, 2 di'ops of dilute HNO.^, 1 
drop of H 0 O 2 and 2 dro])S of CCI 4 . Place a glass rod in the tube and agitate 
the mixture. Note the violet color of the CC 84 layer. Write the equation. 

Thiocyanate-ion, CNS' 

4. The Formation of Fe(CNS)"^% To 1 drop of test-solution of CN 8 ~ 
add 2 drops of water, 2 drops of dilute HCl and 1 drop of Fe(^l;<. Note the 
intense blood-red color of the solution. Write the equation. 

Sulphide-ion, S" 

5. Decomposition of Sulphides by Dil. HCl and the Action of H .S on 

Pb(C 2 H 302 ) 2 « In a test-tube treat 25 mg. of powdered FeS with 2 drops 
of dil. HCl. Note the effervescence, also the odor of the HoS evolved. Hold 
in tlie mouth of the tube a piece of moist Pb(C 2 H 302 )L> paper and observe 
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that the paper becomes brown or black in color. Write the e(.|uations for 
the reactions which take place. 

Note, A number of sulphides are unattacked by dil. HCl; e.g., AS2S3, 
SbaSs, HgS, PbS, CoS and NiS. But all yield HsS if some zinc is added. 


THE ANIONS OF GROUP III (THE NITRATE GROUP) 
NOa-, NO.-, ClOa- and C2H3O2- 

Nitkate-ion, NO3" 

1 . Action of Copper Turnings in the Presence of H2SO4 (1:1). Intro¬ 
duce into a test-tube 2 drops of the NO;r test-solution. Add 50 mg. of 
copper turnings and 2 drops of cone. H2SO4. Heat to boiling in the water 
bath. Notxi the evolution of NO. (best seen against a white background). 
Observe also the blue color of the solution due to the formation of Cu^ ^ 
Write the equations. Oxidants such as chlorates and ferric salts interfere 
with this test. For other interferences see yy. 331 . 

2. The Brown Ring Test. Action of FeS 04 in the Presence of Strong 
H2SO4. Follow directions on p. 329 l(n) using 2 drops of the test-solution 
of NOa" instead of 3 drops of the prepared solution. Write the equations 
for the reactions which take place. This test mmi not he employed if CIO3" 
is present because of the danger of forming explosive CIO2. Name the 
other anions which interfere with this test. Nitrite ion gives the same test. 

3. Reduction of Nitrate to NHs. To 2 drops of the test-solution of NOa" 
contained in a test-tube, add 4 drops of NaOH, l)eing careful not to wet the 
walls of the tube. Add a small piece of aluminum foil and then loosely 
stopper the tube with a plug of cotton. Place over the mouth of the tube 
a small piece of moistened red litmus paper. Heat in the water bath till the 
reaction starts and then remove from the bath and allow to stand for sev¬ 
eral minutes. Observe that the litmus paper has turned blue. Write the 
equation for the reaction (see p. 2 (K)). 

Nitrite-ion, NO." 

1. Decomposition by Dil. HCI or Dil. H 2 SO 4 . Into a dry 4 ml. test- 
tul^e intnxluoe 25 mg. of NaNO.. Add 2 drops of dil. HCl and shake the 
mixture. Note the effervescence due to the evolution of NO, which com¬ 
bining with the oxygen of the air quickly changes to brown NO2. Observe 
also that the solution jjossesses a pale blue color, owing to the presence of 
HNO2. Dilute H28O4 gives a similar reaction. Write the equations. The 
NO2 may be detected by introducing into the upper part of the tube a 
piece of moistened starch-KI paper. The latter will turn blue owing to the 
oxidation of the D. 


2 NO2 + 1 -^ NO3- + NO + i T2 

2. Action of KI in Dilute Acetic Acid Solution. To 1 drop of the N02“ 
test-solution contained in a 2 ml. conical test-tube, add 4 drops of water, 
2 drops of acetic acid and 1 drop of the test-solution of D. Note that the 
solution becomes brown due to the oxidation of I" to I2. Place a glass rod 
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in the tube and add 5 drops of CCI4. Agitate the mixture and observe that 
the CCI4 is colored violet. Write the equations. 

3. Reduction by Means of Urea. In a test-tube treat 2 drops of the 
NO 2 - test-solution with 5 drops of the dilute HCl solution of urea. Note 
the effervescence due to the evolution of nitrogen gas. Write the equation. 

4. Reduction by Thiourea (optional). In a test-tube treat 2 drops of 
the test-solution of N02“ with 3 drops of water and 5 drops of acetic acid. 
Now add 5 drops of thiourea solution. Shake the mixture and note the 
effervescence. Now add 5 drops of dilute HCl and J drop of YeCU, 'Fhe 
deep red solution is due to Fe(CNS)'^^ formed in the reaction. Write the 
(Xjuations. 

Note. Any of the alcove four tests may be used to distinguish a nitrite 
from a nitrate. 

Chloiiate-ion, ClOr 

1. Action of Dilute HCL In a test-tube treat about 25 mg. of KClOs 
with 2 drops of dilute HC’l and lieat the mixtuie in the water bath. See 
p. 303, note (5). 

2. Action of AgNOa Alone and in the Presence of a Nitrite. To 2 drops 
of the test-solution of ClOa' add 3 diops of water and 5 drops of dilute 
lINOs. Now add 1 drop of AgNOa and observe that only a faint cloudiness 
results, indicating tlie presence of a small amount of chloride as an im¬ 
purity in the chlorate. Now add 1 drop of reagent KNO 2 solution (free 
from chloride) * and note that a white precipitate of AgCl forms. Write the 
equations. 

Acetate-ion, CoHaOr 

1. Action of Dil. H2SO4. In a 5 ml. beaker, tieat 50 mg. of powdered 
NaC 2 H 302 (H 20)2 with 3 drops of dil. H 2 SO 4 . Stir and heat gently on a 
wire gauze. Remove beaker from gauze and note the odor of acetic acid 
(vinegar). Write the equation. 

2. Behavior toward FeCL. In a test-tube treat 2 drops of the test- 
solution of C 2 li, 302 ~ with 1 drop of the test-solution of FeCL. Note the 
deep red solution which forms. Write the equation. Iodide, thiocyanate 
and nitrite ions interfere with this test. 


SYSTEMATIC ANALYSIS OF A SIMPLE SUBSTANCE 

General Comments 

By a simple substance is meant a simple salt, an acid, a metallic oxide 
or hydroxide. The substance must be soluble in water or in dilute or con¬ 
centrated HCl or HNO3. Double salts are excluded; as also are simple 
compounds insoluble in the above solvents. When, therefore, in the analy- 

* To test the nitrite for chloride proceed as follows. In a test-tube, dilute 2 drops 
of KNO 2 solution with 3 drops of water. Add 6 drops of dilute HNOs and set the 
tube in the water bath until gas bubbles cease forming. Add 1 drop of AgNOa and 
shake the mixture. Only an opalescence should form. 
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sis of a salt, a decidedly positive test is obtained for a cation and anion, the 
work may be considered completed. If an anion is found and no metal 
ion, the substance is an acid. On the other hand, if only a cation is detected, 
the substance is either an oxide or hydroxide. For many rep^sons (see p. 
332) it is best to begin tlie analysis of a simj)le substance with a systematic 
search for the anion. Decidedly positive tests must be obtained for the 
anion and cation reported; and it is well in each case to verify the presence 
of the constituents found by making additional confirmatory tests on sep¬ 
arate portions of the original substance. 

Faint or slight tests arc frecpiently obtainecl for chloride, phosphate, 
sulphate, as well as for Na, Fe, A1 and Ca. These constituents often are 
present as impurities in commercial salts. Nickel salts are usually c‘on- 
taminated by small amounts of cobalt and it larely happens that c()l)alt 
salts jirc free from detectable amounts of ni(Lel. 8trf)ntium is a frequent 
impurity in Ba salts, and it is not unusual to find small amounts of Sr and 
Ba in Ca salts. The analyst must therefore evaluate correctly these im¬ 
purities and must not confound them with the constituents which form the 
grejitor portion of the substance. Oxides also contain small amounts of 
chloride, suljdiate and carbonate; but the slight tests afforded by these 
anions will clearly show tlieir true value. Because of their uncommon oc¬ 
currence, q/anuks, ferrocyanides, ferricyanidcs, arsc7iites, arsenates, thiosul¬ 
phates and tartrates have been excludcHl. Therefore provision has not been 
made for their detection. 

Note the color of the substance. The following commonly occurring 
substances arc colored: 

Black — CuO, CuS, HgS, Ag,S, BbS, IVInOo, FeS, NiS, CoS, and Fe.s 04 . 
Brown — Hydrated Fe,>0.,, CdO, PbO, BW,. 

Blue — Hydrated cupric; salts and anhydrous cobalt salts. 

(rreen — Hydrated ferrous salts, CuCOa, CuCb, nickel salts and certain 
chromic salts. 

Yellow — Most chromates, CdS, HgO, SnS-i, As-jSs, AsjSr, and certain ferric 
salts. 

Red — Bid, HgO, Fcl-Og, CU 2 O, Sb>S 3 , dichromates (orange red), Cr salts 
(reddish-puri)le). 

Pink — Mn salts, hydrated cobalt salts (reddish-pink). 

General Statements Regarding the Solubility of Salts 
IN Water 

In the analysis of a simple salt, it will be of considerable help to consult 
the following general statements regarding the solubility of salts in water,* 

Salts of the Anions of Group I 

1. Carbonates. All are insoluble with the exception of those of the 
alkali metals and the bicarbonates of Ba, Sr, Ca, Mg, Fe and Mn. All are 
soluble in hot dilute HCl or HNO3. 

* A more comprehensive table giving the solubilities of compounds in various 
acids as well as in water will be found on the inside back cover. 
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2. Sulphates. All are soluble with the exception of those of Ba, Sr, 
Pb and basic salts of Hg (ic), Bi and Sb. Certain commercial grades of 
Fe2(S04)3 and Al2(S04)3 are basic and dissolve sparingly in water. Ca804 
is also slightly soluble in water. 

3. Sulphites. All are insoluble except those of the alkali metals and 
the bisulphites of the alkali and alkaline earth groups. 

4. Phosphates. All are insoluble with tlie exception of those of the 
alkiili group. 

6. Oxalates. All are insoluble with the exccj^tion of those of the 
alkali group. Most oxalates are soluble in alkali oxalate solution, forming 
complex oxalates. 

6. Fluorides. All are insoluble with the exception of those of the 
alkali metals, Ag, Bi, Fe (ic), Sn (ic) and Hg (ous). 

7. Borates. All are insoluble with the exception of those of the alkali 
metals. The insoluble salts generally dissolve in NH4CI solution. 

8. Chromates. All are insoluble except those of the alkali metals, 
Ca, Mg, Zn, Fe and Cu. 

Salts of the Anions of Croup II 

9. Chlorides. All are soluble except AgCI, Hg2Cl2, CuCl, BiOCl, 
SbOCl and Mg20Cl2. PbCb is sparingly soluble. Zn20Cl2 is not readily 
soluble, but dissolves in the presence of HCl. 

10. Bromides. All arc soluble except AgBr, Hg2Br2, CuBr, BiOBr, 
SbOBr and Mg20Br>. PbBi^ is sparingly soluble. Zn20Br2 is not readily 
soluble but dissolves in the presence of HCl. 

11. Iodides. All are soluble except Agl, HgiL, HgL, Cul, BiOI. Pbl^ 
is only slightly soluble. 

12. Thiocyanates. Those of K, Na, NH4, Ba, Sr, Ca, Mg, Fe, Cu (ic) 
and Hg (ic) are soluble. 

13. Sulphides. Only those of the alkali and alkaline earth metals are 
soluble. CaS and MgS are sparingly soluble. 

Salts of the Anions of Group III 

14. Nitrates. All are soluble with the exception of a few basic salts. 
Hg2(N03)2 and Hg(NO;02 require some HNO3 for their complete solution. 

15. Nitrites. All arc soluble. AgN02 and certain complex nitrates 
such as K3Co(N02)rt, are sjiaringly soluble. 

16. Chlorates. All are soluble. 

17. Acetates. All are soluble. Ag, Hg (ous) as well as a number of 
basic acetates are sparingly soluble. 

OUTLINE OF THE SCHEME FOR THE ANALYSIS OF A 
SIMPLE SUBSTANCE FOR THE ANION 

I. Treatment with dilute HCl and heating. 

(a) No effervescence. Absence of COs”, SOa”, NOi", S“ or ClOa". 

(b) Effervescence. Presence of COa", SO3", N02“, S“ or CIO3". 
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IL Action of water. 

(а) Substance is soluble. Treat with Na 2 G 03 solution. If a pre¬ 
cipitate forms, proceed to III. If no precipitate forms, prepare 
an aqueous solution and proceed to IV. 

( б ) Substance is insoluble. Pass to III. 

III. Removal of the Heavy Metal Ion with NasCOs solution. 

IV. Test for the Chloride Group with AgNOs and HNO3. 

(tt) No precipitate forms. Absence of (.1 , Br', 1“ and CNS~. 
Proceed to V. 

(h) A precipitate forms. Presence of Cl", Br", I~ or CNS". Test 
for eacli of tliese anions. 

V. Test for tlie Sulphate Group with BaCl’ and CaClj. 

(a) No piecipitate forms. Absence of S() 4 “, C‘.* 04 ”^, BOi." and 
Cr 04 **. Test for PO 4 " and F" on sej)arate portions of original. 
If test is negative proceed to \T. 

(h) A [)reci[)itate forms. Presence of SOi*', PO 4 * C.j() 4 ”, BGi", 
Cr ()4 “ or F". Test for each of these atiions. 

VI. Test separate portions of the original unknown for NO-" and 

CilLO- . 


SYSTEMATIC EXAMINATION FOR THE ANION 

L Action of Dilute H 2 SO 4 or HCL* Test for VO 2 ” and 

CAOr- To 25 mg. of the powdered unknown substance contained in a dry 
test-tube, add 2 drops of dil. H2SO4 or dil. HCl. Agitate the mixture and 
note if there is any effer\'escence. If no change is apparent, heat the mix¬ 
ture in the water bath and look again for evidence of chemical change. 

(а) The mixture does not effervesce; i.e., no gas is evolved. The ab¬ 
sence of a carbonate, sulphite, sulphide, nitrite, and chlorate is indicated. 
In that case, pass to 11. 

( б ) The mixture effervesces, showing that a gas is given off. Note its 
color and odor; also observe the color of the HCl solution before and after 
heating. 

( 1 ) A colorless and odorless gas shows the presence of a carbonate. 
Confirm with a drop of Ba(OH )2 (see p. 293). 

( 2 ) A colorless gas having an odor of burning sulphur is SO 2 and in¬ 
dicates a sulphite. Confirm by making experiment 2 under Sulphites. 

(3) A (colorless gas with the characteristic odor of H 2 S shows the presence 
of a sulphide. Confirm by holding in the mouth of the tube a piece of 
moistened lead acetiite paper. 

(4) A reddish-brown gas with the characteristic odor of NO 2 shows a 
nitrite. The solution will also be colored pale blue. Confirm with starch-KI 
paper as in experiment 1, p. 298, or test a separate sample with urea 
solution (p. 299). 

* Dilute HCl must be used in testing for CIO 3 "" but dil. H 2 SO 4 is preferable in 
ioaiing for NO2", CDs* and C2H3O2". 
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(5) A greenish-yellow gas resembling chlorine in odor, and coloring the 
acid greenish-yellow, is CIO 2 and indicates the presence of a chlorate. 
Confirm by making test 2 under Chlorates, on separate portions of the 
original substance. 

n. To Determine the Action of Water on the Substance. In a test- 
tube, treat 10 mg. of the substance with 10 drops of water. Agitate the 
mixture and if solution does not take place readily, heat in the water bath. 

(a) The Substance Completely Dissolves or Else Leaves a Very Small 
Residue Due to Hydrolysis (see Note 2). Centrifuge if necessar}'' and treat 
the centrifugate or original solution with 1.5 M Na-COs until alkaline. 
Heat the mixture. If a precipitate forms, a hea\^ mebil ion is present. 
Proceed as in m. If no precipitate fonns, only an alkali metal ion can be 
present. In that case dissolve 50 mg. of the substance in 1 ml. of water 
and use 5 drop portions for the Anion Group tests according to IV, V 
and VI. 

(5) The Substance Is Insoluble or Else Is Extensively Hydrolyzed with the 
Formation of a Large Precipitate. Proceed as in HI. 

Notes. (1) Certain substances are sparingly soluble in water, such as 
NaF, Al 2 (S 04 ) 3 , Fe 2 (S 04 ) 3 , Ag.>S 04 , Na2B407(H20)io and H3BO3. Hence 
only a small quantity such as 10 mg. should be taken for the test. 

(2) Certain salts such as anhydrous ZnCij, ZnBr 2 and Mg^OCb are only 
slightly hydrolyzed by water. Such salts yield slightly turbid aqueous solu¬ 
tions due to the separation of a small amount of the metallic hydroxide. 
For the metal analysis, the salt may be taken into solution readily with the 
aid of a little dil. HCl. 

in. (a) Removal of the Heavy Metal Ion with Na^COs. In a test-tube, 
treat 50 mg. of the substance witli 1 ml. of 1.5 M Na^COg. Stir the mix- 
tui-e and heat in the water bath for about 3 minutes. Centrifuge. The 
centrifugate knowm as the ‘‘piepared solution” will contain nearly all the 
anions in the form of Na salts and should be tested as directed in (/>) below. 
The residue should be washed several times with water, dissolved in dilute 
HCl, dilute HNO3, or hot acetic acid and the solution reserved for testing 
for the metal ion. Frequently complete .solution does not take place owing 
to incomplete transposition. 

Notes. (1) A number of metal ions interfere with the tests for certain 
anions either by pelding precipitates with the reagents which are julded, or 
by imparting a color to the solution. For this i-eason it is hnuid advisable 
to remove most of the metals before beginning the systematic dete(dl()n of 
the anions. This is accomplished by boiling the substance with Na 2 C 03 . 
The reactions which take place are exemplified in the following eciuations: 

CaC 204 + C 03 - CaCOs + C^Or 
2 Ag+ + 2 NO 3 -- + CO.r Ag^O -h CO 2 + 2 N03“ 

Fe2(S04)3 -f 3 CO3- + 3 H2O 2 Fe(OH )3 -f 3 CO2 + 3 SO4*" 

2 BiOCl + 2 CO3- + 2 ^ 20^2 Bi(OH)C 03 + 2 Cl + 2 OIL 

(2) Phosphates and fluorides insoluble in water are not readily trans¬ 
posed by the NaaCOa treatment; hence tests for these anions should be 
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made on separate portions of the original substance. The former is best 
tested for by adding (NH 4 ) 2 Mo 04 to a dilute HNOa solution of the original 
substance; while the latter may be identified by making the water bead or 
etching test on a separate portion of the unknown. 

(b) Removal of CO 3 “' and the Preparation of a Practically Neutral 
Solution. Since the preseiu^e of tiie 003 “^ in the prepared solution would 
interfere with the group tests with AgNOs and BaCh, the solution must be 
treated as follows: Introdu(‘e the jirepared solution into a small beaker. 
Add dilute HNO 3 a little at a time with stirring until acid (litmus test). 
Heat to boiling and boil gently for 1 minute with constant stirring to expel 
all the COo. Cool, add dilute NH3 dropwise with stirring until slightly 
alkaline. Centrifuge if not clear. The resulting solution is used for the 
following tests. 

IV. Test for the Chloride Group. To 3 drops of the aqueous solution 
from n (a) or the sjxjcial solution from HI (b), add 3 drops of dilute HNO3 
and 1 drop of AgNOs. These conditions must be closely adhered to, else 
oxalate or sulphate may precipitate at this point. 

(a) No precipitate forms. Absence of the Chloride Group. Proceed to 
V. A slight precipitate or turbidity must be disregarded since it is due to 
an impurity in the salt. 

(b) A precipitate is obtained. Chloride, bromide, iodide or thiocyanate 
is present. Test for these ions as follows, using the solution from n (a) or 
in (6) for the tests: 

(1) Test for I". Test 2 drops of the solution according to directions in 
paragraph 3, p. 297. If negative, proceed to (2) below. 

(2) Test for Br~. Test 2 drops of the solution following directions in 
paragraph 2, p. 297. If negative, proceed to (3) below^ 

(3) Test for CNS“. Test 2 drops of the solution in accordance with 
directions in paragraph 4, p. 297. If negative, proceed to (4) below. 

(4) Confirmatory test for Cl“. If tests (1), (2) and (3) above are nega¬ 
tive, the pi’esence of chloride is indicated. The finding of chloride may be 
confirmed by noting tliat the Ag precipitate is wdiite and that it readily and 
completely dissolves in (1 : 1) NH3. 

V. Test for the Sulphate Group. In a 4 ml. test-tube mix the follow^- 
ing solutions: 2 drops of CaCl 2 ,1 droj) of IhiCl^ and 1 drop of dilute NII 3 . 
If not clear, centrifuge the mixture and add the clear solution to 5 drops 
of the aqueous solution from II (a) oi- the special solution from HI ( 6 ), con¬ 
tained in a small test-tube. Stir vigorously for 2 minutes. Allow the mix¬ 
ture to stand for 3 minutes. 

(а) No precipitate forms. Absence of the Sulphate Group anions. How¬ 
ever, if the solution used is that from IH (/>), PO 4 ® or F“ may be present 
(see in (a). Note 2 ). 

(б) A precipitate is obtained. Presence of an ion of the Sulphate Group. 
Test for these anions as follows, using either the solution from U (a) or 

m{b): 

SO4" — Acidify 2 drops of the solution with dilute HCl and then add 
BaCb solution. A wliite precipitate show^s the presence of S 04 “. 
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C204“ — Acidify 2 drops of the solution with HC2H3O2 and then add 
1 drop of CaClj solution. A white crystalline precipitate may be CaC204. 
Confirm as in the preliminary experiment for this anion. 

Cr04" “ If the solution is colorless, Cr04” is absent; if yellow, acidify with 
dilute HNO3, cool thoroughly, and add 1 drop of 3% H2O2. 

BO2" is tested lor on a separate small portion of the original substance 
(see p. 295). 

P04^ and F" — Test for these ions as directed in EH (a), Note 2. 

Note, It sometimes happens that poor and doubtful tests are obtained in 
testing the, prepared sohdion for the sulphate group as well as for all the indi- 
vidual members. 7 ^his is probably due to insufficient transposition with 
NaiCO^. In such casesj it is recommended that separate small portions of the 
original substance he taken and tested respectively for PO4®, F~ and 

(see in. Note 2 , p. SOS). 

VI. Test for the Nitrate Group Anions. The presence of nitrite and 
chlorate will have been indicated in I. Make sure that a chlorate is absent 
{read note below) and then test separate small portions of the original sub¬ 
stance for NOs” and C2H3O2" by the methods described respectively under 
the preliminary ex})eriments for these anions. 

Note. Before proceeding with the tests for nitrate and acetate, calling 
for the use of strong H2SO4, it is imperative to prove the absence of a 
chlorate. If there is any doubt on this point, consult your instructor before 
making the test for a nitrate or acetate. Unless this precaution is taken to 
rule out a chlorate, there will be danger of forming CIO2, which, on heating, 
decomposes with explosive violence!! 


General Comments on the Detection of the Cation 
IN A Simple Substance 

The analysis for the anion having been completed, the student should 
have definite information regarding the solubility of his unknown as well 
as its anion content. He will do well before beginning the systematic ex¬ 
amination for the metal to read the general statements regarding the 
solubilities of salts and then to confirm his conclusions by consulting the 
more complete table of solubilities on the inside back cover. A knowledge 
of the anion present when interpreted in the light of the solubility of the 
substance will restrict the number of metal ions to be looked for. Thus, if 
the substance is soluble in water and an anion of Group I has been found, 
it will not be necessary to test for Sr'^^', Ca'^^, Pb+'^, or for any metal 
ion forming, with the anion found, a salt insoluble in water. Again, if Cl~, 
Br“ or I" has been detected in a substance completely soluble in water, 
it will be needless to test for the metal ions of Group 1. Moreover, because 
of special procedures required in the metal analysis, it will be unnecessary 
to test for Ba^+, Sr++, Ca'^'^ and Mg^"^, if phosphate or fluoride is found. 

Before beginning the systematic examination for the metal ion, it is 
advisable to mix on a watch-glass a small quantity of the salt with 2 drops 
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of cone. HCl and to introduce some of the mixture on a clean platinum wire 
into the Bunsen flame. The absence of a characteristic flame coloration 
will conclusively show the absence of Ba+^, Sr++, Ca'^'^, K+ and Na-^. A 
positive indication must be confirmed in every case by a characteristic 
})recipitation test. In conducting the metal analysis, much time and 
material will be saved by proceeding systematically to determine the group 
to which the metal belongs. From the color and 8[)ecial chemical proper¬ 
ties of the grouj) precipitate, much may be learned. In testing for Grouj) 2, 
groat (!are should be exercised in adjusting the acidity before treating with 
HoS. A yellow })recipitate obtained with H2S is either CdS, As2Sr{ or 81182. 
If the well-washed precipitate dissolves in warm KOH, it is either As28;< 
or 81182. In that case the pi’ecipitate may be readily identified by treating 
it with hot cone. HCl. If the Group 3 precipitate is white, it shows the 
presence of either or Zn+^. A decision may be reached quickly by 

dissolving a 10 mg. portion of the original substance in 10 drops of water, 
adding 50 mg. of NH4CI, heating and then adding NH3 to alkaline reaction. 
Under these conditions only Al(OH);{ will precipitate. If on the other hand 
the Group 3 precipitate is black, it is an indication of the presence of Fe"^ 
Ni+-<- 4 Enough has bt^en said to indicate the method of procedure 

and to avoid needless opeiations in the identification of the metal ion. 

If iodide has been found, the test for K+ with Na3Co(N02)c will fail. 
To geit a reliable test with this precipitant proceed as follows: In a 5 ml. 
beaker dissolve 10 mg. of the substance in 10 drops of water. Add 5 drops 
of dil. HCl and a few drops of cone. HNO3. Boil until no more I2 is given 
off and then evaporate to dryness.* Take u]) with a little water and test 
the solution with Na3Co(N02)6. Since iodine or bromine, when set fiee by 
oxidants, is likely to form an explosive nitrogen compound when treated 
with NIL, it is imperatioe to remove or Br- before beginning the metal 
analysis. If phosphate or oxalate is ])resent the test for Na+ with the so¬ 
dium reagent cannot be directly applied. For procedui^e see Note 5 , p. 288 . 

Should tlie unknown be a sulphite insoluble in water, it is advisable to 
treat it with an excess of dil. HCl and then to boil the solution until all the 
8O2 is expelled. This procedure is recommended to avoid the formation 
of a heavy precipitate of S when the IICI solution is treated with H2S to 
preci])itate tlie cation of Group 2. (See experiment 3 under Sulpliite.) 
A precipitate of 8 will also be obtained in Group 2 if the substance is a 
chromate or a ferric salt. Chromate ion also interferes in Group 2 by oxidiz¬ 
ing the H28 to 8. If the substance is insoluble in water or pi’actically so, 
the Cr0.t" may be removed by transposing with Na2C03, centrifuging and 
washing the residue free of Cr04”. The residue can then be dissolved in 
dil. IINO3 and tested for the metal ion. If the substance is soluble in H2O, 
the CrO^*' may be lemoved as follows: In a 5 ml. beaker treat 50 mg. of 
unknown with 0.5 ml. of cone. HCl and evaporate under the hood to 2 
<lrops. (See Note 5 , p. 28^.) Take up with H2O and remove Cr*^"^ before 
testing for cation. 

* In this procedure, Br" is also removed. 



PART V 


SYSTEMATIC DETECTION OF THE ANIONS 

Limitations of the Schemes. The procedures given in this text 
are restricted to the detection of only those anions which have 
been mentioned.* It is equally important to remember in carry¬ 
ing out these schemes of analysis, that all the anions not included 
in this text are absent since their presence might cause such a 
variety of interferences and complications as to render many of 
the methods inoperative. A similar statement could be made in 
reference to the limitations of the schemes provided for the de¬ 
tection of the metal ions; for these also, it is assumed that certain 
rare metal ions are absent. 

A second limitation to these schemes should also be noted. This 
w^ould exclude mixtures of anions which are incompatible with 
each other, e.g., unknown mixtures containing both oxidants and 
reductants, since under suitable conditions these would mutually 
react, the oxidant being reduced and the reductant being oxidized. 
Therefore, if the test shows the presence of an oxidant such as 
CIOs", NOs"" or Cr04“, it may be assumed that all reductants are 
absent and vice versa. 

PRELIMINARY TESTS FOR THE ANIONS 

General Comments. These preliminary tests and procedures 
are intended for the analysis of mixtures of compounds. These 
may contain many anions. It frequently happens, particularly 
with comparatively simple combinations, that the results of the 
preliminary tests will restrict the number of anions that may be 
present to two or three, with the result that the anion analysis may 
be completed in a short time. On the other hand, there are other 
combinations which do not readily yield to this treatment because 
of the uncertain results obtained. Hence tests should be made for 
all anions whose presence is not definitely excluded by the results 
of the preliminary tests. 

* See p. 185. This fact must be taken into account by the instructor in the prep¬ 
aration of his unknown mixtures. 
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I. Test for Anions Forming Volatile Acids. In a dry 2 ml. conical 
test-tube treat 20 mg. of the powdered unknown (or a quantity 
equal in volume to that of a rice grain) with 1 drop of dil. H 2 SO 4 . 
Sliake the mixture by tapping the tube with the finger several 
times (see Fig. 31). Hold the tube on a level with the eye and 
examine the mixture for gas bubbles, using a lens if necessary. If 
no change is apparent, add another drop of acid. Heat the mixture 
in the water bath and look again for evidence of chemical change. 

(a) Effervescence shows the jnesence of CO^r, N02“ or S“; 

also CIO3", if dil. HCl is used (see Note 1). Confirmatory tests 
should be made as described on p. 302, I. 

(b) No effervescence indicates the absence of anions in (a). 

Notes. (1) For minerals and ignited materials, HCl is more active than 
H2SO4. Dil. HCl must be used in testing for CIO3" , but it is better to use 
dil. H2SO4 in confirming the presence of CO 3“", SO3” and N02~- In this 
connection it is well to remember that while H2S and SO2 are incompatible 
with each other, H2S and CO2 are not; that sulphite interferes with the 
Ba(OH)2 confirmatory test for carbonate and that the bleaching of a drop 
of permanganate solution is an inconclusive test for sulphite if nitrite or 
sulphide ion. is present. When much acetate is present, and interfering 
anions absent, the odor of a(;etic acid may be noted when the dilute H2SO4 
mixture is heated; but for the best results, the odor test for acetate ion 
should be carried out in a small beaker (see p. 331 ). 

(2) Certain combinations when treated with dil. HCl will result in the 
evolution of a^as. Thus while HCl does not cause the evolution of CO2 
when added to an oxalate, in the presence of a chlorate, CO2 is evolved. 
Mixtures of iodide and nitrite or chlorate yield a black precipitate of I2 
when treated with dil. HCl. On heating, a violet vapor of 1 2 is formed. 
8O3"" is incompatible with Cr04“. The presence of the latter will either 
completely interfere or render less sensitive the test for the former. 

II. Removal of Heavy Metal Ions, Making the “Prepared Solu¬ 
tion.” Prepare 5 ml. of approximately 1.5 AT Na 2 C 03 solution by 
treating 0.8 g. of pure anhydrous Na 2 C 03 in a 10 ml. beaker with 
sufficient water to make the volume 5 ml. Heat with stirring till 
solution takes place. Now add 250 mg. of the powdered unknown, 
stir, heat to boiling and boil gently for 5 minutes, adding a little 
water at the end of each minute to replace that lost by evaporation. 
If ammonia is given off, continue the boiling until no more of this 
gas is evolved. Replace the water lost by evaporation. Centrifuge. 
Reserve the residue for tests for P04^ and other non-transposed 
anions. 
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Notes. (1) The 1.5 M Na 2 C 03 is freshly prepared because it attacks the 
glass when kept in glass containers. It should be of a high degree of purity 
and practically free of Cl-, and POa^. 

(2) The purpose of treating the unknown with a boiling solution of 
Na 2 C 03 has been previously explained (see Note 1, p. 303), while the 
theory of the reaction has been considered on p. 175. 

Treatment with Na 2 C 03 removes nearly all the metals except As, Sb 
and the alkali metals. The centrifugate will therefore contain only the 
anions in the form of their sodium salts. A typical case is the following: 

CaS 04 4- CO 3 ” CaCOa + SOr 

In general 19--20 minutes’ boiling would be required to drive off the 
excess of NH3. It will be observed that if Cu"^^ and NH3 are simultaneously 
present, the blue color is not destroyed. Even if this solution is boiled for 
a very long time or evaporated to dryness and the residue extracted with 
water, no significant weakening of the color will be observed, showing that 
the Cu(NH 3 ) 4 '^'‘' complex is quite stable. A solution containing 
when heated is likely to explode. Hence mixtures containing Ag^ and NHa^ 
should not he given out for analysis. 

(3) The residue from the Na 2 C 03 treatment may contain, in addition 
to the carbonates and hydroxides of the metals removed, certain phos¬ 
phates, fluorides and sulphides, as well as the halides of Ag. Hence, pro¬ 
vision must be made for testing the residue for PO 4 "", F-, Cl~, Br~ and 
I~, if these anions are not found in the prepared solution or not tested for 
on a separate j)ortion of the original substance. The residue should be 
tlioroughly washed and set aside until the analysis is completed, nnd 
then tested for the abov^e anions if not found in the prepared solution. 

FhosphaU’, and Arsenate. Treat a small portion of the residue as dir(u;ted 
in Note 2, p. 31G. 

Sulphide. Test a small portion of the residue in a test-tube with a little 
Zn and dil. H2SO4. If is present, H2S will be evolved. It is preferable to 
test this residue rather than the original substance since the latter may also 
contain CNS~ and SOf" ea(;h of which gives H 2 S under the conditions of the 
test. 

Halides of Ag^ and are not frequently encountered in mixtures. 

When the residue is treated with Zn and dil. H 2 SO 4 in testing for vS" the 
following reaction also takes place if the Ag lialides are present. 

2 AgCl -f 2 Zn 2 Ag + 2 Cl“ -f- 2 Zn+-" 

If the mixture is centrifuged to remove the Ag and the clear solution boiled 
to remove all the H 2 S, the tests for I~, Br~ and Cl“ can be systematically 
conducted as described on p. 324. 

Fluoride. If P 04 ™ is absent, the alizarin-zirconium spot test can be 
applied after acidifying the residue with dil. HCl. If PO 4 * is present, dry 
a portion of the residue and test it for F~ by means of the water bead or 
etching test. The former test can be applied directly to a portion of the 
original unknown. The same is true for the etching test if CIOs"* and B02“ 
are absent. 
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(4) The prepared solution will also contain metals which form ampho¬ 
teric hydroxides such as Al, Cr, Sb, Sn, Pb and Cu; also some arsenite and 
arsenate derived either from the transposition of non-alkali metal salts of 
these acids or by the action of Na 2 C 03 respectively on AS 2 O 3 and AS 2 O 5 . 
The solution from the treatment of an unknown with Na 2 C 03 may be 
colored due to the presence of certain metal ions existing either in a col¬ 
loidal form or as part of certain complex ions. Of the metals likely to yield 
colored prepared solutions, the following may be mentioned: copper, ferric 
iron, cobalt, nickel, manganese and cliromium. Copper salts almost with¬ 
out exception yield strongly colored ^^prepared solutions,’^ the color de¬ 
pending to some extent on the degree of purity of the salt. Salts of the other 
metals when boiled with Na 2 C 03 yield either colorless or slightly colored 
solutions. When, however, oxalate or acetate ion is present, in some cases 
intensely colored solutions are obtained.* 

(5) Oxidizing and reducing substances are incompatible with each other 
in the sense that they may mutually react, the oxidant being reduced and 
the reductant being oxidized. Whether a given oxidant will react with a 
given reductant depends upon many factors, chief of wliich are the follow¬ 
ing: (1) Their relative positions in the oxidation potential series, which 
gives their relative oxidizing or reducing power; (2) Their respective con¬ 
centrations; (3) The speeds with which the partial (electrode) reactions 
involved take place; (This is as important a determinant as (1), which 
gives the energy change involved) and (4) the medium, whether neutral, 
acid or alkaline, in which they are mixed. Certain reductants such as 
stannous and ferrous compounds will reduce chromate ions but are without 
action on chlorate, nitrate and nitrite ions so long as the solution is kept 
alkaline. Sulphide and sulphite, while incompatible in acid solution, are 
stable in alkaline media. 

(6) Assuming that the anion constitutes about 50% of the sample, then 
the maximum quantity of anions present in 1 ml. of the prepared solution 
will be or 25 mg. Hence 1 drop will contain 0.05 X 25 = 1.25 mg. 
Since 3 drops of this solution are used for each test, the maximum quantity 
of any anion present will be 3.75 mg. 

The analysis may be considerably abbre^s iated by making the following 
preliminary tests. 

III. Detection of Oxidizing Anions. To 2 drops of the prepared 
solution in a 4 ml. test-tube, add 1 drop of cone. HCl and then 
4 drops of a saturcUed solution of MnCh in cone. HCl. Heat in 
the water bath for 1 minute. A black or brown color, due to the 
formation of MnCh”, indicates the presence of one or more of the 
following oxidants: Cr 04 “, NOs"* and Cl();r« 

Notes. (1) This test will reveal the presence of 0.05 rag. each of Cr 04 ~, 
NOa“ and CIO3", provided the MnCb solution is saturated and the water 

* Curtman and Edmonds, “The Interferences of Metal Ions in the Detection of 
the Acids,” J. Chem. Ed., 10 (1933), 567. 
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ill the water bath is at the boiling temperatui-e for the entire duration of the 
test. Nitrite ion gives a yellow or brown color due to dissolved NO2; the 
latter may be easily identified by its characteristic odor. The test is made 
on a portion of the prepared solution instead of the original substance 
because the latter may contain reducing cations as Fe++. 

( 2 ) Mixtures which are incompatible in all media are rarely met with 
and need not be considered in this course. 

( 3 ) A negative test shows the absence of all oxidants except As04“ 
and NO2". 

IV. Detection of Reducing Anions.* In a 4 ml. test-tube treat 

2 drops of the prepared solution with 4 drops of dil. H 2 SO 4 . Mix 

well. Now add 2 drops of 0.002 M KMn 04 (prepared by diluting 
in another tube 1 drop of 0.02 M KMn 04 with 9 drops of water 
and mixing thoroughly). If the KMn 04 is not bleached, heat in 
the water bath and note the result. The bleaching of the KMn 04 
shows the presence of one or more of the following reducing anions: 
SOs*, ASO 2 ”, I”, Br“, CNS~, and N02~. A negative test 

shows the absence of these anions. If the bleaching takes place only 
upon heating, the presence of C 2 O 4 ”' or much Cl~ is indicated. 

Note. ( 1 ) All the anions of Clroup II are reductants. Hence, if Test IV 
is negative, the only anion of Group II which can be present is chloride in 
very small amount. Experiments showed that 2.5 mg. Cl~ did not bleach 
the KMn04 solution in the cold. However, when heated in the boiling 
water bath bleacliing took place within one minute. With 1 mg. Cl~, 
practically complete bleaching took place after heating for 3 minutes. 

V. Detection of Group I Anions (The Sulphate Groxip). To 3 
drops of the prepared solution contained in a 4 ml. test-tube, add 

3 drops of dil. HCl. If the solution is not acid, add more HCl 
until acid. Set the tube in the water bath and heat for at least 3 
minutes with stirring to drive off all the CO 2 . Make the solution 
alkaline with dil. NH3. Centrifuge if not perfectly clear. In another 
test-tube mix 2 drops of CaCb, 1 drop of BaCb and 1 drop of dil. 
NH3. Centrifuge, if not perfectly clear. By means of a capillary 
pipette, transfer the clear centrifugates of both tubes to a third 
tube and allow to stand for 2-3 minutes. 

(a) A precipitate or cloudiness forms. Presence of Group I 
anions (see Note 1). 

{h) No precipitate or cloudiness forms. Absence of Group I 
anions. 

* Curtman and Plechner, Chem. News, 138 (1929), 49. 
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Notes, ( 1 ) A control must always be run on 3 drops of the 3 N Na2C03 
solution since the latter frequently contains some of the anions of Group I. 

( 2 ) The group test is not conclusive for small amounts of As 02 and 
BO2 . 

( 3 ) If Tests III and IV for oxidizing and reducing substances are nep- 
tive and Test V positive, it will be necessary to test only for the following 
anions of this group: S04“, P04% F~, BO2 , As04“ and COa”. 

VL Detection of Group II Anions {The Chloride Group),* In a 
4 ml. test-tube acidify 3 drops of the prepared solution with dil. 
HNOs (about 3 drops) and then add 5 drops in excess. If a precipi¬ 
tates forms remove it by centrifuging. To the clear solution add 
1 drop of AgNOs and heat in the water bath. A precipitate shows 
the presence of one or more of the following: I~, Br~, Cl~, CNS~ 
and S“. Note the color of the precipitate and draw your conclu¬ 
sions cautiously. 

Notes. ( 1 ) A control should be run. See Note 1 under V. 

( 2 ) A precipitate forms in the cold with 5 mg. of 0204” or Cr04“ but 
<lissolves when the mixture is heated in the presence of the ex(;ess HNO3. 

( 3 ) If a precipitate forms, add more AgNOs until precipitation is com¬ 
plete. Centrifuge. To the centrifugate or the solution in which no pre¬ 
cipitate formed with AgNOs, 1 or 2 drops of dil. Nils are added by allowing 
tliem to run down the side of the tube. Gently agitate the upf)er portion 
of the solution and note the color of any precipitate which may form at the 
neutral zone. From a strictly neutral solution, AgNOs precipitates all the 
anions of Group 1 with the exception of F“ and ^Or. Hence, should any 
of the anions of this group be present, a precipitate will form at the neutral 
zone. The color of this precipitate often gives an iiiflication of the anions 
present. Thus, if white, it may be 0204'^ or B 02 ~; if yellow, P04^= or AsOr ; 
if brownish-red, As04“‘; if purplish-red, Cr04". 

Summary of Preliminary Tests. The preliminary tests com¬ 
pleted, the student should prepare a list of the anions that may be 
present and hence are to be tested for. Compare your list with the 
complete list of anions below to be sure you have overlooked none. 

Anions of Group L CO 3 ”, 804 *“, SOs^, PO 4 ”", F"-, C 204 “", Cr 04 ”, 
ASO4'®, As02~", B02^. 

A nions of Group II. Cl"", Br"*, I“, CNS~, S“. 

Anions of Group III. NO3-, N02“, CIO3-, C2H362-. 

A?iions which may he indicated in the preliminary tests: 

Test I: C03“, 80 ;“, NOa", 8“, CIO3-, CsHaOs- 

Test III: Cr04-, N03~, ClOa-. 

* Curtman and Plechner, Chem. News, 138 (1929), 65. 
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Test IV: SOs”, AsOa", CaOr, I", Br~, CNS’, NOs^, S“ (CU). 
Test V: Group I anions. 

Test VI: Group II anions. 

Anions which give no general indication of their presence except 
that supplied by the group reagents. These anions are S 04 “, F~, 
P 04 ^, B02“', C1~ (small amounts). 

Anions of Group I which when present in small amounts do not 
respond to the group reagent, Test V. They are B02“ and As02~. 
The latter will be indicated in preliminary Test IV. 


SYSTEMATIC ANALYSIS FOR ANIONS 
Analysis of Group I Anions 

CO3-, S 03 =, Cr 04 -, S 04 “, ASO4-, As02~, PO4-, BO2-, F”, C2O4- 

General Discussion. The anions of this group are distinguished 
from those of other groups by the fact that either their Ba or Ca 
salts may be precipitated in neutral or alkaline solution. Sulphate 
ion is the only one of those considered in this book which gives a 
precipitate with Ba*^"^ that is insoluble in dilute HCl, and this 
property is utilized in its identification and separation. If sufficient 
time is allowed for the complete precipitation and separation of 
the SO4” in this manner, the centrifugate may be tested for SOs^^ 
by oxidizing the latter to S 04 “ with H 2()2 or Br 2 , and precipitating 
the S 04 “ as BaS 04 . This method is, however, only applicable in 
the absence of CNS~ and S“", both of which also would yield, after 
oxidation, a precipitate of BaS 04 . The difficulty may be over¬ 
come by first precipitating the Group I anions with BaCL, treat¬ 
ing the precipitate with dil. HCl and finally removing the BaS 04 
by centrifuging. A solution is thus obtained free from 804“°, S’* 
and CNS~ ions and may be tested for by adding bromine 
water and BaCL. If sulphite ion is shown to be present, some 
sulphate ion will generally be found due to atmospheric oxidation 
of the former. 

Chromate ion will impart its characteristic color to the prepared 
solution and if obscured by the presence of other colored ions, it 
can be oxidized to perchromic acid with H 2 O 2 . Borate is recog¬ 
nized by the green color which BF3 imparts to the flame. It can 
be identified quantitatively by the action of turmeric solution. 

Arsenate, phosphate and arsenite ions are systematically de- 



314 


SYSTEMATIC DETECTION OF ANIONS 


tected in one portion. The first two are precipitated by magnesia 
mixture and thus separated from arsenite. The separation of 
phosphate from arsenate ions in the magnesium precipitate is 
accomplished by dissolving the precipitate in strong HCl and then 
precipitating the As04“ as sulphide by means of H2S. For further 
details see p. 315 . 

Fluoride and oxalate ions are precipitated together by Ca"^*^ 
in acetic acid solution. Since the alizarin spot test is given by 
both, a separation is necessary. For details see p. 317 . It is per¬ 
haps simpler to test one portion of the calcium precipitate for C2O4’" 
by treating it with H2SO4, heating, and adding KMn()4. The 
other portion of the Ca^ precipitate, carefully dried, can be tested 
for F“ by the water bead test or by the etching tost. 

Procedure for the Analysis of the Group I Anions 

Chromate. If the prepared solution is colorless, Cr04‘" may be 
considered absent, since very little Cr()4~' will impart a yellow 
color to the solution. If the solution is yellow or green, and Cr04” 
may be present as indicated by preliminary tests, proceed as 
follows: In a test-tube carefully acidify 3 drops of the prepared 
solution with dil. HNO3. Cool the latter thoroughly under running 
water. Now add several drops of 3 % H2O2. Formation of a blue 
coloration wliich gradually disappears shows the presence of Cr04~. 

Note. Cr04'” and SOs™ are incompatible even in acetic acid solution, the 
Cr04” being reduced to Cr^ The reaction is indicated by a change in 
the color of the solution from yellow to bluish violet or green. Cr04” and 
1 “ are compatible in Na2C03 as well as in acetic acid solution but not 
in H2SO4 S(dution. Nitrite ion reduces Cr04~ slowly in cold H2SO4 solu¬ 
tion but rapidly on heating. CNS*, and C204“ are also incompatible 
with Cr04”'. The chromate ion may be completely reduced to by 

adding cone. HCl and boiling down the solution to a small volume. 

Sulphate. Transfer 3 drops of the prepared solution to a 4 ml. 
test-tube. Acidify with dil. HCl and then add 2 drops in excess. 
Shake the tube till the excess CO2 is given off. Add 1 drop of 
BaCb and allow the tube to stand. A white finely divided pre¬ 
cipitate of BaSOi shows the presence of SO4*’. For precautions 
which must be taken in carrying out this test, when applied to a 
solution other than the prepared solution, see notes in connection 
with the preliminary test for 804“ (p. 293 ). Compare the precipi¬ 
tate as to size with that given by 0.05 mg. 804*. 
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Note, Experiment showed that 0.1 mg. 804“ gives a precipitate within a 
minute, but 0.01 mg. does not. However on standing for 5 minutes a pre¬ 
cipitate forms when 0.02 mg. of 804*“ is present. 

Detection of Phosphate, Arsenate and Arsenite. Principle, A separa¬ 
tion is necessary before these anions may be individually detected, Phos- 
pliate and arsenate are first separated from arsenite by f)reci])itation with 
magnesia mixture. The mixture is then centrifuged. From the hot cone. 
HCl solution of the residue, the arsenate is completely precipitated with 
H2S and thus sei)arated from the PO4®. The centrifugate after removing 
the HjS and replacing the HCl by HNOs is tested for P04* with ammo¬ 
nium molybdate. The centrifugate from the magnesia precipitate is tested 
for As 02~ by first oxidizing it with H2O2 to AS04"' and then precipitating 
the latter with magnesia mixture. 

Procedure: In a test-tube dilute 5 drops of prepared solution with 5 drops 
of water. Acidify with dil. HCl and make alkaline with dil. NH3. Reject 
ppt. To clear solution add 10 drops of magnesia mixture, dropwise with 
stirring, let stand 10 minutes and centrifuge (1, 2). 


Residue 1 . NH4MgAs04, NH4MgP04. 
Wash several times with water containing a 
little NH3. Dissolve ppt. in 5 drops dil. HCl 
and reprecipitate ( 3 ) by adding NH3 to alka¬ 
line reaction and a few drops of magnesia mix¬ 
ture. Cool, stir and stand for 15 minutes. Cen¬ 
trifuge and reject solution. Wash residue with 
water containing a little NHg. Reject washings. 
Add 10 drops of cone. HCl and 5 drops of water. 
Heat tube in boiling water bath, and then treat 
with H2S for 2 minutes. Heat again in water 
bath for 1 minute and again treat with H2S 
for 2 minutes. Heat again and centrifuge. 


Residue 2 JYc\~ 
low AS2S3 T- 
AS2S5. Wash 
twice with 5 
drops of water. 
Treat ppt. with 
0.5 ml. dil. NHa. 
Stir thoroughly. 
Centrifuge, if 
complete solu¬ 
tion does not oc¬ 
cur. Acidify clear 
solution with dil. 
HCl. Yellowppt. 
confirms pres¬ 
ence of ASO4"". 


Solution 2 . Test for P04®. 
In a small crucible, heat solu¬ 
tion cautiously to boiling and 
boil gently to remove all 
H2S. Cool. Add 5 drops of 
cone. HNO3, again heat to 
boiling and boil gently (note 
4 ) to dryness. Heat crucible 
to a red heat ( 5 ). Cool. 
Dissolve residue in 2 drops 
dil. HNO3. Transfer solu¬ 
tion to a test-tube. Add 2 
drops ammonium molyb¬ 
date reagent and warm. A 
yellow ppt, proves presence 
of PO4* (6). 


Solution / may contain 
ASO2', and all other ions 
not precipitated by mag¬ 
nesia mixture. Add 6 
drops 3 % H2O2. With 
constant stirring add mag¬ 
nesia mixture dropwise 
until 10 drops have been 
added. A white crystalline 
ppt. shows the presence of 
As 02~. To confirm, dis¬ 
solve in cone. HCl and 
precipitate with H28 as in 
Residue 1 , 
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Notes. ( 1 ) Most insoluble phosphates are sufRciently transposed to 
permit the detection of P04^ in the prepared solution. However, the 
phosphates of Ag, Pb, Cd, Co, Mn, Cr, Zn, Ca and Mg are less than 50 % 
transposed.* When such phosphates are present, the residue from the 

prepared solution should be tested for 

POr. 

(2) Failure to obtain a precipitate 
with magnesia mixture shows the ab¬ 
sence of arsenate and phospliate in the 
prepared solution. They may be wholly 
in the residue from the sodium car¬ 
bonate treatment. If it is necessary to 
analyze this residue for P04^' and AsOr, 
proceed as follows: Heat the residue with 
cone. IINChi. If brown fumes are given 
off, showing the presence of a reductant, 
add more cone. HNOs and heat till the 
reductant is all oxidized. Dilute the 
solution with water, heat to boiling and 
centrifuge. To the solution add an ex¬ 
cess of ammonium molybdate solution 
and heat (do not boil). A yellow pre¬ 
cipitate shows the presence of As04"- 
or PO4*' or both. To distinguish be¬ 
tween P04^ and As 04'“, wash the 
molybdate precipitate and then dissolve 
it in NH3. To the cold NHs solution, 
add an excess of magnesia mixture and 
proceed as described in the Scheme un- 
^ der Residue /. The ammonium mo¬ 

lybdate precipitation * made to separate the P04“ and ASO4® from the 
metal ions, many of which would precipitate later when the magnesia is 
added. 

( 3 ) A reprecipitation is carried out in order to free the Mg precipitate 
from any occluded oxidants or reductants. The former, such as Cr04”, 
would interfere with the test for As04% and the latter with the identifica¬ 
tion of P04“. 

( 4 ) The strong nitric acid solution can be safely evaporated either in 
an air bath (see p. 233 ) or by means of a micro burner so placed that 
the tip of the flame is about 4 inch^ from the bottom of the crucible 
(see Fig. 35 ). 

( 5 ) The crucible is heated to redness to expel small amounts of ASO4* 
which may have escaped precipitation with H2S. 

(6) A white precipitate of molybdic acid must not be mistaken for the 
yellow phospho-molybdate. The AgNOrNHs junction test will also give 
indications of PO4". See VI, Note 2. 

^ Hart, Cohen and Simon, Uec, de trav., 6S (1934), 579. 
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Borate. Use the flame test on a portion of the original unknown 
following directions given in the preliminary experiment (p. 295). 
If an estimate is desired use the turmeric test (p. 192). A control 
must always be run with this test. Experiment showed that 0.25 
mg. B 02 ~ gives a reddish colored solution distinctly different from 
the control. 

Oxalate. If preliminary Test IV with KMn 04 was negative, 
oxalate ion is absent. If positive, the following procedure should 
be followed: To 3 drops of the prepared solution in a 4 ml. test- 
tube, add 3 drops of water. Now add 4 drops of 6 AT acetic acid. 
Tap the tube repeatedly with finger (Fig. 31) till the excess of CO 2 
is expelled. Add 1 drop of CaCL and shake contents of tube. 
Allow the tube to stand for a minute and then centrifuge the mix¬ 
ture. The precipitate may be CaF 2 and CaC 204 .* If no precipitate 
forms, oxalate and fluoride are absent in the prepared solution. 
Decant the solution. Wash the residue twice, using 5 drops of 
water for each washing. Reject the washings. To the residue add 
2 drops of dil. H2SO4 and heat with stirring in the water bath. 
Now add 0.002 M KMn 04 , drop by drop, counting the drops and 
shaking the tube after each addition till 1 drop imparts a perma¬ 
nent pink color to the solution. From the number of drops added, 
the quantity of 0204 ^“ can be calculated. 

Notes. (1) The KMn 04 should be freshly prepared by diluting and 
thoroughly mixing 1 drop of 0.02 M KMn 04 with 9 drops of water. 
Experiment showed that 0.1 mg. C2O4” required an average of 6 drops of 
KMn 04 solution. A control containing 1 mg. F~ and no C 204 “ was 
permanently colored by 1 drop of KMn 04 . 

(2) If the precipitate is very small, a larger volume of the prepared 
solution may be taken and all the quantities of the reagents increased 
proportionally. 

Fluoride. The presence of this anion will be revealed by aii}^ 
one of the following tests. 

1. Alizarin-Zirconium Lake Test, Oxalate interferes with this 
test; so does PO 4 " to a lesser extent, but the latter is not precipi¬ 
tated by Ca'^'^ in acetic acid solution. If 0204 ” is absent, this test 
can be employed; but it is well to confirm a positive test by either 
the water-bead or etching test. Acidify with dil. HCl 2 drops of 
the prepared solution and carry out the test as described on p. 296. 

* Part of this precipitate may be used to test for F~ by the etching or water-bead 
test. 
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Water-Bead Test, In this test, the F“ is converted into SiF 4 
and the latter identified by its reaction with H 2 O with which it 
forms insoluble H 4 Si 04 . The test may be applied to the original 
sample or to the dried calcium precipitate obtained in the test for 
oxalate (see p. 317). 

Procedure. In a dry 2 ml. conical test-tube introduce a quantity of the 
original dry sample of the size of a ri(;e grain, or some of the dried Ca pre¬ 
cipitate formed in the test for oxalate (see p. 317). Mix it well with an 
equal volume of powdered quartz. Select a cork to fit the tube. Cut an 
opening on the side and a hole in the center; the former is made so that it 
will not make an air tight seal and the latter is for the insertion of a glass 
rod to one end of which has been sealed a small platinum wire looped at 
the end (see Fig. 34). By means of a capillary dropper, add 2 drops of cone. 
H2SO4. Take up a drop of water in the platinum loop and cork the tul)e 
loosely being careful tliat the drop of water does not touch the walls of the 
tube. Heat the tube in the water bath. A turbid bead shows the presence 
of F- 

3. The Etching Test. Borate and chlorate interfere with this 
test. For procedure see p. 193, 

4 . Modification of Etching Test with Chromic Acid Mixture and 
Glass Rod. (See p. 193.) Caution: This experiment must not be 
performed unless chlorate is definitely shown by test to be absent. 
Introduce 2 ml. of cleaning mixture (see p. 358) into a 4 ml. test- 
tube and set it in the boiling water bath. Stir the mixture with a 
glass rod and from time to time, while heating, withdraw the rod 
and observe whether the solution drains completely, leaving no 
droplets adhering to any portion of the rod.* When this condition 
is attained, add about 20 mg. of the solid unknown and continue 
heating and stirring for 2 minutes. Now slowly raise the rod out 
of the solution and examine it carefully. The formation of bead¬ 
like droplets adhering to the glass rod indicates the presence of 
fluoride. 

Notes. (1) The formation of droplets is due to the etching of the rod by 
the liberated H 2 F 2 . 

(2) To avoid personal injury j the student should empty the contents of 
this tube only into a sink containing running water. 

(3) This test offers only qualitative indications and is of the same order 
of sensitivity as the alizarin test. It is, however, not interfered with by 
the presence of oxalate. 

* Since any unremoved grease would cause droplets to form on the rod similsw 
to those produced by the presence of F"", the importance of a thorough preliminary 
treatment with the chromic acid mixture is evident. 
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Sulphite, (a) Sulphite if present in moderate amount can ofteri 
be detected by the characteristic odor of SO2 evolved, when the 
unknown is treated with dil. H2SO4 and heated. If owing to inter- 
fer.ng anions the odor test is doubtful, or if a rough estimate of 
this anion is desired, the procedure in (b) should be employed. 
Sulphite can also be detected by its bleaching action on a water 
solution of fuchsin. On a spot plate treat, one drop of the prepared 
solution with one drop of fuchsin solution. Bleaching of the solu¬ 
tion shows the presence of a sulphite. The test will readily detect 
0.05 mg. SO;}'. Sulphide, polysulphide as well as free alkali and 
ammonia interfere with the test. 

(h) In a 5 ml. beaker treat 6 drops of the prepared solution with 
6 N acetic acid till the resulting solution is acid. Stir vigorously to 
expel the gases and then make the solution alkaline with dil. NH3. 
Transfer the solution to a 4 ml. test-tube and remove any precipi¬ 
tate which may form by centrifuging. To the clear solution add 
BaCb till precipitation is complete and then add 2 drops in excess. 
Heat in the water bath and stir for several minutes. The precipi¬ 
tate may consist of the barium salts of the Group I anions. Centri¬ 
fuge, wash the precipitate with 5 drops of water and reject the 
washings. Treat the precipitate with 5 drops of water and 5 drops 
of dil. HCl, stir and heat the mixture in the water bath for | minute. 
Remove the precipitate of BaS04 by centrifuging. To the clear 
solution add 2-3 drops Bro water and 2 drops of BaCL. Heat in 
the water bath and allow to stand for 10 minutes. A white pre¬ 
cipitate of BaS04 shows the presence of sulphite in the original 
solution. 

The Detection and Estimation of Carbonate in Mixtures Con¬ 
taining Sulphite. Since Ba(OH)2 gives similar reactions with car¬ 
bonate and sulphite, it is necessary to remove or oxidize the latter, 
in order to make this test specific for carbonate. This is accom¬ 
plished by passing the mixed CO2 and SO2 through an acid solution 
of 020?*. In the following procedure provision is made for the 
simultaneous detection and estimation of carbonate. If sulphite 
is absent, the same apparatus can be employed omitting the tube 
containing the Cr207“. 

Procedure* The apparatus consists of a series of three 2 ml. test-tubes 
connected as shown in Fig. 36 . In each test-tube, the glass tubing passes 

* Dissertation, A. Fuhrman (1941), ColleKe of the City of New York. 
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through a cork, bored with a hot wire, and extends to within 1 / 4 " of the 
bottom. The last tube has a 2 -hole stopper one hole of which is left open 
while the other is connected by means of glass tubing to the adjoining 
test-tube. The tubes are supported in depressions made in a wooden block. 
Connected with tube 1 is a tube filled with soda lime. The latter absorbs 
the CO2 in the air driven through the apparatus by the compressed air 
bull) C provided with a valve. 



Method, In the presence of a sulphite (1), the following procedure is used: 
Into the first tube introduce 25 mg. of the sample to be te8te{l. To the 
second tube add 10 drops of a solution consisting of 7 drops of 0.5 M 
K2Cr04 and 3 drops of dilute H2SO4. Into the last tube put 15 drops of a 
saturated solution of Ba(OH)2. Stopper tubes 2 and 3 . By means of a 
dropper quickly introduce ( 2 ) 0.5 ml. of 1.5 M H2SO4 into the tube con¬ 
taining the sample and stopper immediaiely, Press the rubber bulb gently 
( 3 ) and pass a stream of air through the tubes for 3 minutes. A white 
precipitate in the last tube shows the presence of CDs”. To estimate the 
amount of CO3" present, immediately wash the precipitate of BaCOa 
down the sides of the tube with several drops of distilled water. Cork ( 4 ) 
the tube and centrifuge, balancing with another corked tube. The amount 
of COs” may now be estimated by comparison with a known sample. 

Notes. (1) If sulphite ion is absent, the middle tube containing the 
K2Cr207 may be omitted and the first and last tubes connected directly. 

(2) The volume of the H2SO4 should be measured beforehand so that 
the dropper contains 0.5 ml. of the acid. The acid should be added quickly 
and all at once, not dropwise, to prevent the escape of CO2. 

( 3 ) The bulb should be pressed gently, otherwise the Ba(OH)2 may be 
forced out of the tube. 

( 4 ) The tube is corked to prevent precipitation of BaCOs by theC02 
in the atmosphere. 

Cleaning the Apparatus. After the test has been made, the glass tulles 
may be cleaned by filling them with water under the tap and then inverting 
in a beaker containing dilute acid using the tube as a siphon. The tube is 
then rinsed with water to remove the acid. 
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Sensitivity of the Test. The test was found to be sensitive to 0.1 mg. of 
in a mixture of CaCOs and inert BaS 04 . 

Analysis of Group II Anions 

General Discussion. The anions of this group are distinguished 
from those of Groups I and III by the insolubility of their silver- 
salts in HNO 3 solution. They are S“, CNS~, I~, Br~, and Cl~.* 
Sulphide would be detected in the preliminary test for volatile acids 
made on a poi’tion of the original sample. However, like PO4- and 
F“, it may not be found in the prepared solution, owing to the 
inability of the sulphide to undergo transposition by Na^COs. The 
sulphide ion interferes with the systematic detection of the other 
members of this group. It is, therefore, imperative to test the 
pi-epared solution for this ion, and if found, to remove it. The 
presence of S“ is shown easily by adding a little Pb(N 03)2 solu¬ 
tion to a small portion of the prepared solution; the formation of 
a black precipitate shows the presence of S"". It is then removed 
by acidifying the prepared solution with acetic acid and adding 
an excess of Co(N 03 ) 2 . The solution thus freed of S” is then 
treated with AgNOs and nitric acid, precipitating and thus com¬ 
pletely removing members of Group II from all other anions. 
The precipitate will consist of AgCNS, Agl, AgBr and AgCl. The 
next step in the procedure is to test the precipitate for CNS“ and 
if found to remove it, since it interferes with the detection of the 
other three anions. This is accomplished by heating a small por¬ 
tion of the silver precipitate with NaCl solution whereby the 
CXS“ is taken into solution and can be tested for by means of 
FeCb. The destruction of the CNS~ if present is effected by 
heating the remainder of the silver precipitate to a high tempera¬ 
ture. Only the AgCNS is decomposed by this treatment, leaving 
a residue, therefore, of Ag, Agl, AgBr and AgCl. Next we take 
the halide ions into solution by reducing their Ag salts with Zn 
and dilute H2SO4. After centrifuging, we obtain a clear solution 
containing I“, Br~, Cl“, Zn+^, and S 04 *. 

A glance at a table of oxidizing potentials shows that the O.P. 
for I 2 , 1“ is much lower than that for Br 2 , Br”". Hence on adding 
H 2 O 2 (O.P. 1.77) to a portion of the solution, only the 1“ would 
be oxidized. This is the theoretical basis for the test. The I 2 

* Cyanide, ferrocyanide and ferricyanide ions have been omitted in this brief 
course. 
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liberated is extracted and concentrated by CCI4 to which it im¬ 
parts a characteristic violet color. 

Before testing for Br~, it is imperative to remove all the D. 
Here again by selecting a suitable oxidant we can liberate all the 
I2 and expel it completely by boiling the solution. To this end, 
we use a solution of HNO2 (or rather a solution of KNO2 and 
dilute H2SO4). With the complete removal of all the I“, we are 
now able to carry out a simple and highly characteristic test for 
Br~. This consists in oxidizing the Br~ with strong HNO3 (1:1) 
to Br2 and extracting with CCI4. The latter is colored brown by 
the Br 2 . 

To test for Cl“ we need only take another portion of the solu¬ 
tion and treat it with HNO3 of definite concentration. By boiling 
this solution all the 1“ and Br~ may be removed completely. The 
solution finally obtained can then be tested for Cl~ with AgNOa. 

Gkoup II Anions (The Chloride Group) 

Outline of the Method of Analysis. These are not working directions. 

Sodium carbonate solution containing all anions: Test a small portion for 
S" with a little Pb(N 03)2 — black ppt. shows S”. (1) 

To another (2) portion of the NaaCOs solution add acetic acid to acid re¬ 
action. Add Co(N 03 ) 2 , heat and centrifuge. 


Residue 1. 
CoS. 

Reject, j 

Solution 1. All the other anions. Acidify with HNO 3 , add 
AgNOa and centrifuge (3). 

Solution 2. 
Reject. 

Residue 2. Agl, AgBr, AgCl, AgCNS. Di\ide into 
two portions. 



114 Test for CNS- 
(4). Treat ppt. 
with NaCl solu¬ 
tion, heat and cen¬ 
trifuge. Test so- 1 
lution for CNS“. 

SI4- Test for Br~ and Cl~, 

If CNS~ is present destroy it 
by strongly heating ( 6 ). Treat 
this residue or Residue 2^ if 
CNS"" is absent, with Zn and 
H 2 SO 4 ( 6 ) and centrifuge. 




Residue 3. 
Reject. 

Solution 3, I“, 

Br-, CD, Zn++ 
H 3 O+ and HS 04 “ 
1/3 test for D (7). 
1/3 test for Br~ 
(8). Remove 1“ if 
present and then 
te.st for CF (9). 
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Procedure for the Detection of the Group II Anions 

1. Test for Sulphide. Treat 2 drops of the prepared solution 
with 2 drops of 0.5 M Pb(N 03 ) 2 . Formation of a black precipitate 
shows the presence of sulpliide ion. 

Notes. 1 . PbS rather than PbCO;i forms because the former is very 
much less soluble than the latter. 

2 . Since most sulphides are not transposed })y NasLOa, a negative test 
at this point is inconclusive. A further test for S’" must be made on the 
residue from the prepared solution or on the original substance. 

2. Removal of Sulphide. If a sulphide is absent proceed accord¬ 
ing to 3. If present, treat 10 drops of the prepared solution in a 
test-tube with 6 M acetic acid till acid. Now add dropwise with 
stirring 10 drops of M Co(N 03 ) 2 . Heat in the water bath for 1/2 
min. and centrifuge. Transfer the solution to another test-tube. 
It may contain CNS~, I~, Br“ and Cl“ as well as the anions 
of Groups I and III. Wash the residue once with 5 drops of 
water and combine the washings with the solution. Reject the 
residue. 

3. Precipitation of AgCNS, Agl, AgBr and AgCl. To the solu¬ 
tion from 2, or if sulphide is absent, to 8 drops of the prepared 
solution acidified with dil. HNO 3 , add 0.5 M AgNOs (1 drop at a 
time with vigorous stirring) until precipitation is complete. Es¬ 
timate the volume of the mixture and then add 10% of that 
volume of cone. HNO 3 . Stir and centrifuge. Discard the solution. 
Wash the precipitate 3 times with distilled water, using 5 drops 
for each washing. Discard the washings. The precipitate may 
consist of AgCNS, Agl, AgBr and AgCl. Add 5 drops of water, stir 
the mixture and transfer 3/4 of it, by means of a capillary pipette, 
to a 5 ml. pyrex beaker. This portion is tested for I~, Br“ and Cl- 
according to 6 and 6. The remaining 1/4 of the mixture is tested 
for CNS- according to 4. 

4. Test for Thiocyanate. To 1/4 of the silver precipitate re¬ 
served in 3, add 5 drops of M NaCl. Heat and stir in the water bath 
for several minutes. Centrifuge. To the clear solution add 1 drop 
of dil. HCl and 1 drop of 0.05 M FeCh (prepared* by mixing in a 
test-tube 1 drop of 0.5 M FeCL with 9 drops of water). A red 
coloration shows the presence of CNS-. The color appears more 
intense when holding the tube over a white piece of paper and 
looking down the entire depth of the liquid. If CNS“ is absenty 
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treat the main Ag precipitate directly according to 6. If 'present, 
treat the precipitate according to 6. 

Note. Test analyses showed that this procedure is capable of detecting 
0.05 ing. CN8" in a mixture containing 5 mg. of any one of the halides or 
one containing all the halides present in 2.5 mg. quantities.* 

6. Destruction of Thiocyanate. Thiocyanate ion, if present, must 
be destroyed since it interferes with the test for I~, Br“ and Cl", 
('arefLilly dry (see Note) tlie precipitate by heating the beaker in an 
air bath (Fig. 23). Remove the air bath and heat directly to a dull 
red heat ior about a minute. The completes decomposition of the 
thiocyanate will be evidenced by no further blackening of the 
precipitate or burning of sulphur. Cool and proceed as directed in 6. 

Note. The preliminary drying of the wet silver precipitate by heating 
in the air bath is strongly recommended to avoid huge mechanical losses 
which result when the beaker is directly heated l)y th(i burner. Kxi)eriment 
showed that when Agl ahuK? is pi-esent some volatilization oc(!urs if the 
temperature attained is too great at the outset and continued for too long 
a period of time.* 

6. Preparation of a Solution of I“, Br~ and Cl" from the Ag Pre¬ 
cipitate. To the Ag precipit<ate contained in the 5 ml. beaker, add 
100 mg. of 20-mesh zinc and 8 drops of dil. 112804. Stir and heat 
gently for a few seconds to cause the reaction to proceed vigorously 
and then allow the action to proceed loith occasional stirring for 
10 minutes. Any precipitate adhering to the walls of the beaker 
should be loosened with a stirring rod and brought into the zinc- 
II 2 SO 4 mixture. With a capillary pipette, carefully remove the clear 
supernatant liquid to a test-tube and label it Solution 6. Wash the 
residue in the beaker with 3 drops of dil. IT 2 S() 4 , stir well and com¬ 
bine the washings with the solution.f Test separate portions for 
I“, Br“ and Cl" as directed in 7, 8 and 9. 

7. Test for Iodide. To 2 drops of Solution 6 in a 2 ml. conical 
test-tube add 2 drops (no more) of CCI 4 and 3 drops of 3% II 2 O 2 . 
Agi tate the mixture (see Note). Violet color of the CCh layer shows 
the presence of I". 

Note. To prevent some of the CCI 4 from remaining on top of the solution, 
as well as to insure a thorough extraction of the I 2 , proceed as follows: 
Place a thin rod in the tube, then holding the tube at the top with the index 
finger and thumb of the left hand, snap the finger of the right hand several 

* Unpublished paper by Curtraan and Gaylord, 1943. 

t The total volume should be 6 drops. 
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times against the lower part of the tube (see Fig. 31, p. 242). This opera¬ 
tion, by effecting an intimate mixing of the CCb and H 2 O, promotes the 
extraction of the 12 and causes a more complete sepaiation of the layers. 

Test analysis showed that 0.05 mg. P can be detected in a solution con¬ 
taining 5 mg. of either Br~ or Cl~ or in one containing 2.5 mg. each of Bl¬ 
and CP. 

8. Test for Bromide. If I~ is present, it must be removed before 
testing for Br“ (a). If I~ is absent, proceed at once to (b). 

(a) Removal of I~. To 2 drops of Solution 6 in a 5 ml. pyrex 
beaker, add 3 drops of 1.5 M H 2 SO 4 and 1 drop of 3 M KN() 2 . 
Heat to boiling and boil down gently to about 2 drops. Allow to 
cool. By means of a capillary pipette, transfer the solution to a 
2 ml. conical test-tube. Rinse the beaker with a miall drop of 
water and add the latter to the tube. Proceed to (h). 

{b) Test for Br~. In a 2 ml. conical test-tube treat the solution 
from S(a), or 2 drops of Solution 6 if I~ is absent, \\dth exactly 2 
drops of cone. HNO3, Heat in the boiling water bath for 30 seconds 
(no longer). Remove the tube and cool it thoroughly in a beaker 
of cold water. Add 2 drops (no more) of C^Cb and agitate the tube 
as directed in the test for I“. The brown color of the CCI4 layer 
shows the presence of Br“. The color is best viewed against a 
white piece of paper. 

Note. This procedure is capable of detecting 0.2 mg. Br~ in a solution 
containing 5 mg. of either 1“ or Cl~ or in one containing 2.5 mg. each of I 
and Cl". The low sensitivity of the bromide test can be attributed to the 
following causes: (a) the low percentage transposition of insoluble bromide 
by Na 2 C 03 solution*; (b) the poor color of the Brn-C'Ch layer when a small 
amount of Br" is present; (c) the relatively low distribution ratio of Br 2 
between water and CCI 4 the latter being 23 at 25° as against 85 for iodine 
under the same conditions. The test for Br~ is, therefore, less sensitive 
than that for I". 

9. Test for Chloride. 1“ and Br“ interfere with the test for Cl". 
If I" is present and Br" is absent, proceed to (a); if Br” is present 
and I" is either present or absent, proceed to (h ); if I" and Br" are 
both absent, proceed at once to (c). See p. 326 (h) Note (1) for 
reason for a separate procedure when I~ alone is present. 

(a) Removal of 7". In a 4 ml. test-tube dilute the remainder of 
Solution 6 with sufficient water to make 10 drops. Add 1 ml. of 
cone. HNO3 and let stand 2 minutes (see Note). Heat in the water 
bath for 5 minutes, at the same time passing through the solu- 

* Curtman and Sohneiderman, Rec. de trav., 54 (1936), 158. 
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tion a slow fine stream of filtered compressed air (see Fig. 37 and 
Note 2 ). Now add 1 ml. of H 2 O and proceed to (c). 

NoU, The HNO3 solution must not be heated directly on a gauze or in 
the air bath because of its tendency to bump violently with dangerous 
spattering and consequent loss of liquid. It is for this reason that the mix¬ 
ture is heated in the water bath and the expulsion of the lil)erated gases 
aided by a stream of compressed air. 

( 6 ) Removal of Br~~ {and /“). Proceed as in (a) with the pro¬ 
vision that the solution be heated in the water bath for 10 minutes 
instead of 5. 

Notes. ( 1 ) Numerous test analyses * showed that when I~ is present 
and Br“ absent, heating of the solution in the water bath for 5 minutes was 
sufficient. On the other hand, with solutions containing Br“ regardless of 
whether 1 “ was present or absent, it was necessary to increase the time of 
heating to 10 minutes. Investigation further showed that the 2 -minute 
waiting period after the addition of the cone. HNO 3 was important, for 
when this was omitted a solution containing 1“ and Br~ although heated 
for 10 minutes gave a faint opalescence in the final test, whereas when the 
waiting period was included in order to give the HNO 3 time to start the 
reaction spontaneously, a clear solution was obtained. 

Experiments carried out to reduce the time of heating by employing the 
higher temperature of the air bath gave negative tests for Cl~ even though 
the concentration of the HNO3 was reduced. 

( 2 ) In all of the above experiments, the compressed air was so regulated 
that a capillary pipette delivering about 35 drops of water per ml. displaced 
2 ml. of water from a 4 ml. test-tube in 4 seconds. 

(c) Test for Cl~, (See Note 1 .) Treat the solution obtained in 
9(a) or (5) with 1 drop of 0.5 M AgNOs, stir and allow the solution 
to stand. A white precipitate shows the presence of Cl“ (see 
Note 2). 

Notes. (1) If I " and Br~ are both absent, Solution 6 can be directly 
tested for Cl" by diluting with 10 drops of water and adding 3 drops of 
0.5 M AgNOa and 1 drop of cone. HNO 3 . Stir, and heat in the water bath. 
A white ppt. is AgCl (Note 2). 

(2) The test should be compared with a control containing 0.05 mg. 
of C1-. 

(3) Experiment showed that 0.05 mg. CD could be detected in a solu¬ 
tion containing 5 mg. of either I"* or Br- or in one containing 2.5 mg. each 
of I~ and Br“. 


♦ Unpublished paper by Curtman and Gaylord, ld43. 
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Analysis of Group III Anions 

ClOa-, NO 2 ", NO;r, C2H3()2- 

General Discussion. The anions of this group are not precip¬ 
itated by AgNOa in nitric acid solution (distinction from Group II); 
nor by either BaCl 2 or CaCL in 
neutral or alkaline solution (dis¬ 
tinction from Group I). They 
soiiK'times are called the soluble 
group because practically all their 
salts are soluble in water. Chlo¬ 
rate and nitrite ions are incom¬ 
patible with each other and will 
therefore rarely be found together 
in mixtures. At any rate such 
mixtures are excluded in this ele¬ 
mentary course.* Hence, if one 
of these anions is found, the other 
may be considered absent. Both 
chlorate and nitrite ions will be 
definitely indicated in the pre¬ 
liminary test with HCl (see 
p. 308). If chlorate ion or nitrate 
ion is found, then the odor test 
for acetate ion cannot be em¬ 
ployed without considerable 
modification and it would be well 
in this course not to test for this 
anion. Some nitrate ion will al¬ 
ways be found if nitrite ion is 
present, because of atmospheric 
oxidation. The test for nitrate 
ion is only made to determine ^ ^ 

whether much or little of it is Pio. 37 

present. 

In the procedure which follows, CIO 3 "* is detected by reducing 
it to Cl~ and testing for the latter with AgNOa. Nitrite ion is 
tested for by means of the highly characteristic reaction which it 

* For the analysis of such a mixture see Curtman’s QyMitaiive Analysu, 1931, 
p. 439. 
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gives with urea or thiourea. For the identification of nitrate ion 
we may employ the ring test, or reduce it to NH 3 ; we also can 
liberate the HNO3 by means of strong H2SO4 in the presence of 
copper. Acetate ion is detected by the acetic acid odor test. It is 
not a very sensitive test and is, moreover, interfered with by other 
anions. 

Procedure for the Detection of the Group III Anions 

Chlorate. Indications of the presence of this anion will have been 
obtained when the unknown is treated with hot dil. HCl. The 
following test for chlorate ion should only be made if the MnCb 
test was positive. Since the ultimate test depends upon the pre¬ 
cipitation by AgNOs of the Cl~ formed in the reduction of the 
Cl() 3 “, it is evident that all the anions of Group II would inter¬ 
fere and hence must first be removed. 

(a) Interferences Are Absent. In a 4 ml. test-tube dilute 3 drops 
of the prepared solution with 3 drops of water. Acidify with dilute 
HNO3 and then add 1 drop in excess. Add 1 drop of AgNOs, 
shake the mixture and allow it to stand several minutes. If a 
precipitate forms, centrifuge (see note below). To the clear solution 
add 1 drop of 6 M KNO 2 (Cl"-free) and allow to stand. A white 
ppt. of AgCl shows the presence of C 103 "“. A very faint opalescence 
should be disregarded, since it may be due to traces of Cl~ in the 
reagents. 

Note. When a maximum of 4-5 mg. of Cr 04 "' is present, a large part of 
the Cr^O?” will precipitate as Ag 2 Cr 207 and should be removed by centri¬ 
fuging. The centrifugate will still contain some Cr 207 " but too small a 
quantity to interfere with the final test; for on adding the KNO 2 both 
CIOs" and Cr 207 “ are simultaneously reduced, the former yielding a pre¬ 
cipitate of AgCl and the latter a purple solution due to 

(h) Group II Anions Are Present. In a 4 ml. test-tube, acidify 
3 drops of the prepared solution with dilute HNO3 and add 2 drops 
in excess. Dilute with 5 drops of water. Add AgNOs dropwise with 
shaking till precipitation is complete. Centrifuge. To the solution 
add 1 drop of 6 Af KNO 2 (Cl“-free) (see footnote p. 299) and shake 
the mixture. A white precipitate which does not dissolve on adding 
4-5 drops of dil. HNO3 and stirring shows the presence of CIOs". 

Nitrite. The presence of this anion will be indicated in the pre¬ 
liminary test with dilute H2SO4 or HCl. Nitrite ion need not be 
tested for if CIO3" has been found. 
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1. Urea Test. To 3 drops of the prepared solution in a 4 ml. test-tube 
add 3 drops of water and 6 drops of M BaCb (this provides a sufficient 
excess to precipitate all the COr). Shake the mixture and centrifuge. 
Wash the residue with 3 drops of water and add washings to the centrif¬ 
ugate. Heat the solution in the water hath and then add 5 drops of an 
ITCl solution of urea. Formation of biibliles shows the presence of 
NO2-. 

2. Thiourea Test. Acidify 3 drops of the prepared solution with 3 drops 
of acetic acid. Shake till all the bubbles are given off. Now add a few^ drops 
of a 10% solution of thiourea and shake the mixture, (his bubbles show 
the presence of N02~. Now^ add 5 drops of dil. HC3 and 1 drop of FeCls. 
The deep red solution is due to Fe(CNS)'^'^ and confirms the presence of 
NO. . 

CS(NH2)2 -h HNO 2 N 2 + HCNS + 2 H 2 O 
If 1“ or CNS- is present it should first be removed wnth AgNO;j. 

Nitrate. The test for this 
anion should be made only if the 
test for oxidants wdth MnCb 
was positive. Because of oxida¬ 
tion, some nitrate ion will always 
be present if nitrite ion has 
been found. It is the quantity 
that is significant. Before test¬ 
ing for nitrate ion, it is im¬ 
portant to consider whether 
any anions are present which 
will interfere with the test to 
be employed and to remove 
them completely before the test 
is applied. 

1. Brown Ring Test. The following anions interfere: N02~, ClOa , 
Cr 04 ”, I~ and Br~.* 

(a) hiterferences Are Absent. In a 2 ml. conical test-tube aiddify 3 drops 
of the prepared solution with dil. H2SO4. Cautiomly add 5 drops of cone. 
H2SO4, mix and thcrroughly cool the resulting solution under running water. 
Holding the tube in an inclined position so as not to mix the solutions, 
allow 5 drops of reagent FeS 04 (0.5 M FeS 04 in 0.5 M H2SO4) to run dowm 
the side of the tube (Fig. 38). Set the tube in the rack and allow it to stand 
for 10-15 minutes. A brown ring at the junction of the two liquids shows 
the presence of a nitrate. 

* Ferri- and ferrocyanide ions also interfere. 
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(6) Interferences Are Present. 

(1) REMOVAL OF NITRITE. For this purpose (NH4).»S04 is used. In acid 
solution this reacts with nitrite ion according to the following equation: 

NO2- -f 4 + 3 e N -f 2 H2O 

NH4'^ + + 

NW T'NIV ^‘N2 + 2H;20 

Method. In a 5 ml. beaker, dilute 3 drops of the prepared solution with 
3 drops of water. Acidify with dilute H2SO4 (about 3 drops) and then add 
3 drops of N (NH4)2iS04 solution. Carefully and slowly evaporate the 
solution on a wire gauze to 2 drops (not to dryness — see note). Add 3 
drops of water and carefully evaporate again to about 1-2 drops. Add 
sufficient water to make the volume about 3 drops. With a capillary 
pipette transfer the contents of the beaker to a 2 ml. conical test-tube and 
carry out the test as described in (a). 

Note. The flame should be withdrawn when the volume of the solution 
approaches 2 drops and the solution allowed to undergo further evapora¬ 
tion by the heat given off by the heated gauze. 

(2) REMOVAL OF CHROMATE, IODIDE* AND BROMIDE. In a 4 ml. test-tubc 
dilute 3 drops of the prepared solution with 7 drops of water. Acidify with 
6 M acetic acid (2 drojis) and then add 40 mg. of powdered Ag2S04 (NOs" 
free). Stir and grind the mixture in the tube for about 3 minutes. This 
operation is necessary in order continuously to expose fresh portions of the 
solid Ag2S04, which slowly dissolves and precipitates the interfering anions. 
If the grinding ojieration is omitted, the Ag2S()4 would be covered with 
silver halides and thus rendered inert. Centrifuge and transfer the cen¬ 
trifugate to a 5 ml beaker. Wash the residue with 2 drops of water and 
after centrifuging, combine the washings with the centrifugate. Evaporate 
the solution to about 2 drops. Transfer the solution to a 2 ml. conical test- 
tube and carry out the test as described in (a). 

(3) CHLORATES. If nitrite ion is present, chlorate ion may be considered 
absent. If chlorate ion has been detected, it is better to use the NHa test 
for NOa", since C10;r does not interfere with this test. 

2. Reduction to NHa Test. This test is generally employed for the de¬ 
tection of NO.r when ClOa" is present, since the latter does not interfere. 
It is needless to consider the interference of N02“ which also gives the test, 
since nitrite ion is incompatible with chlorate ion and therefore should not 
be present in mixtures containing C10.3~. The only interfering ions re¬ 
quiring attention are NH4'^ and CNS“.t See reaction 4, p. 2(X). 

(а) Interferences Are Absent. By means of a pipette, transfer 3 drops of 
the prepared solution to the bottom of a dry 4 ml. test-tube. This is done 
to keep the upper walls of the tube dry. Now add 4 drops of NaOH solu¬ 
tion and carry out the test as described in preliminary experiment (p. 298). 

(б) CNS~ Is Present. Remove with Ag2S04 as described in (2) abovfe. 

* 1*“ and Cr04"' are incompatible and should not be present together in mixtureB 
given out for analysis. 

t CN“, Fe(CN)ft""“, Fe(CN)«* also yield NH» by this procedure. 
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(c) NHa^ Is Present. In a 5 ml. beaker dilute 3 drops of the prepared 
solution with 3 drops of water. Add 2 drops of NaOH and carefully (see 
caution, p. 262) evaporate just to dryness. With 5 drops of water, wash 
down the walls of the beaker and again cautiously evaporate to 1-2 drops. 
Test vapors for NH 3 with inoistened litmus paper. If NH 3 is present add 
more water and evaix)rate. Repeat this treatment till a negative test is 
obtained. Now transfer the solution to a test-tube and test it as in 2(a). 

3. Copper Turnings and (1:1) H2SO4 Test. Inicrferences: NO> , 
Cr 04 “, AsO'j' , Cl , B] “ , L , and CIO.3". This test cannot be employed if 
CIOs" is present. Nitrite ion may be removed with (NH 4 ) 2 S 04 (see p. 330) 
and all the others by means of Ag 2 S 04 . It is better where many inter¬ 
ferences are pi*esent to use the brown ring test (p. 329). 

Acetate.* Of all the tests for acetate, the most characteristic is 
the odor test which is based on the weakness of acetic acid as an 
acid and its volatility at elevated temperatures. This simple but 
very insensitive test is, however, interfered with by the presencje of 
C 103 ~, NOa”, N02“ and (as well as by CN~, Fe(CN)6"*“, 
Fe(CN)6^). Hence in this course, these interfering anions have 
been excluded from unknowns containing acetate. Conversely, if 
any of these anions have been shovn to be present, the test for 
acetate ion should not he made. Indications of the presence of acetate 
ion are sometimes obtained in the preliminary test for volatile acids. 

Method. Chlorate, nitrate and sulphide ions having been shown to be absent, 
treat 6 drops of the prepared solution in a 5 ml. beaker with dilute H 2 SO 4 
until acid. Note how' many drops have been added. Now^ add dropwuse 
with constant stirring that volume of cone. H 2 SO 4 . Heat to boiling. 
Odor of acetic acid shows the presence of acetate. The test can also be 
made directly on the solid unknown provided ClOz", NOs' and have been 
definitely shown to be absent, In this case treat 25 mg. of the solid powdered 

* While it is well known by workers in this field that the detection of this anion 
in certain mixtures is extremely difficult, it was thought best to include this anion 
in the elementary course because of its frequent occurrence either in the form of a 
simple salt or as a component of simple mixtures. For this reason, its detection has 
been restricted to mixtures containing no interfering anions. 

t There is a need for a simple, sensitive and reliable test for acetate ion. From a 
knowledge of the chemistry of the interfering ions, it would seem possible to remove 
each of them singly or in groups and eventually to obtain a solution which could 
be tested for acetate ion. Thus Group I anions could be removed by precipitation 
with Ba(N08)2 and Ca(N08)2, and Group II with Ag2S04. A solution would finally 
be obtained containing CIOs", or NOs", NOs" and C2H802“. CIOs” and NOs" 
could be reduced in alkaline solution leaving only acetate ion. Unfortunately, the 
mechanical losses of acetate ion due to adsorption, occlusion, coprecipitation and 
to other unknown causes generally result in a solution which does not yield the 
test. The distillation of acetic acid after all interfering anions have been removed 
is also attended with serious difficulties such for example as uncontrollable bumping 
even when a Hopkins distilling head was employed to prevent mechanical carrying- 
over of the solution. It is thus seen that the detection of small amounts of acetate 
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unknown with 5 drops of water. Stir. Now add cautiously with stirring 5 
drops of cone. H 2 SO 4 and heat. 


REPORT OF A COMPLETE ANALYSIS 

The following report of a complete analysis is presented for the guidance 
of the student: 

Unknown No. 401 consists of a mixture of Ca 3 (P 04 ) 2 , CaC 204 and 
KCNS. 

Preliminary Tests 

Test for Anions Forming Volatile Acids: Negative. Absence of CO^r, 
SOs"*, N 02 “, CIOs" , S“ and possibly C 2 H 3 O 2 . 

Test for Oxidants: Negative. Absence of NOa', CIO 3 " and Cr 04 ^. 

Test for Reductants: Positive. Possible presence of As 02 “, € 204 “, I , 
Br“, CNS~ (SOs”, S^ and N 02 ' were ruled out in test for vohitile 
acids). 

Test for Anions of Group 1. Positive: Possible presence of 804 °*, PO 4 "*, 
F", C 2 O 4 ”, AsOu, ASO 2 ", BO 2 '. (Cr 04 “ and 80 . 3 '“ ruled out previ¬ 
ously.) 

Test for Anions of Group IL Positive: Possible presence of Cl~, Br", I~ 
and CNS'. ( 8 “ ruled out by previous tests.) 

Summary of Preliminary Tests. The above results show tlie need for 
testing for the following anions: 

Group 1 . 864 “, PO 4 ', F', € 204 “, As 04 “ BO 2 '", As 02 ‘" 

Group IL Cl-, Br D, CNS" 

Group III. C 2 H 302 - 

Next we look over these anions to see if there are any incompatibles — e.g., 
1 “ and ASO 4 '" in strongly acid solution. 

Results of Individual Tests 

Group 1. Negative tests for 804 “, AsO^", ASO 4 ”', F“ and B 02 “ 
Positive test for PO 4 "" and C 204 “ 

Group IL Negative test for I", Br- and CU 

Positive test for CN 8 -. A faint test for Cl" but < .05 mg. 
Group III. Negative test 

Conclusions. Anions present in prepared solution: PO 4 ® C 2 O 4 ’", CNS~. 
Examination of Residue from the Prepared Solution for P 04 '^, F~, 
Halides and S”. If the residue dissolves in acids it is needless to test for 
F“, halides and sulphide ion. 8 ince the unknown is soluble in HNO 3 , 
these cannot be present; and since PO 4 " has been found in the prepared 
solution, it is needless to test the residue for this anion. 

ion in mixtures is a task of extreme difficulty. A color test such as the conversion 
of acetate ion to acetone and its final conversion to indigo blue does not appear to 
have been tried out on a sufl^cient number of different mixtures to test its reliability. 
At any rate, it is unsuitable for this Elementary Course. 
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Analysis for Metal Ions. C2O4’” and CNS~ are removed by treatment 
with H2SO4 and HNO3. (See si^)ecial procedure, p. 334 .) 

Residue. CaS04. Solution. Ca++, P04“and K^. Groups 1 and 2 absent. 

Before precipitatinji; Group 3 , remove P04'" and then find (jroup 3 
absent. Grouj) 4 . Ca^ Group 5 . K+. 

INTERFERENCES OF ANIONS IN THE ANALYSIS 
FOR METAL IONS* 

Before proceeding with the metal analysis it will be necessary 
to remove those anions which, if present, would cause interference. 
Of the anions considered, only S04^, 7Vs()2~, BOo" and CXI.r" cause 
no difficulties in the analysis. The others intcrferci in the following 
fashion: 

1. Phosphate, fluoride and oxalate ions interfere with the metal 
analysis by causing metals of Group 4 and Mg++ to precipitate in 
Group 3 . Acetate ion interferes with the precipitation of Cr"’ 
by NHa when neither Fe"^’^’’' nor AF'^’^ is present, f 

2 . Nitrate, nitrite, chromate and chlorate ions oxidize the 1128 
ill acid solution, giving a precipitate of sulphur which masks the 
results and obstructs the analysis. Chlorate ion also forms ex¬ 
plosive decomposition products when treated with strong acids. 

3 . Sulphite also reacts with H2S, yielding a precipitate of sulphur. 

4 . Chloride, bromide and iodide ions when present in high con¬ 
centration form complex ions with Cd, Sn and Pb and thus pre- 
\'ent or render incomplete the precipitation of the corresponding 
sulphides of these metal ions by H2S. Iodide and bromide ions, if 
present in large amounts, will partly undergo oxidation by oxi¬ 
dants added such as HNO3 or by those present such as 

The halogens set free under these conditions are likely to form 
explosive nitrogen compounds when the solution is subsequently 
treated with an excess of NH^. Iodide ion, moreover, interferes 
with the sodium cobaltinitrite test for potassium. 

5 . Arsenate ion is slowly precipitated with H28. Provision is 
made for its complete precipitation, since it would interfere in 
the same manner as does phosphate, 

6. Thiocyanate ion is undesirable because of the color inter¬ 
ferences it produces with metals like iron. 

The interference of all of the above anions, with the exception 

* Curtman and Wiglcr, Chem. News, 1S9 (1929), 353. Curlman and KvakjuK'r, 
J. Chem. Ed., W (1943), 399. 

t DeWitt and Baldwin, /. Chetn. Ed., 11 (1937), 641. 
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of phosphate,* may be overcome by the following procedure. In 
this method all the anions forming volatile acids are removed by 
treatment with boiling cone. II2SO4. At the same time C 204 “ is 
decomposed by the oxidizing action of ilu) cone. II2SO4. 


OUTLINE OF THE METHOD OF ANALYSIS FOR CATIONS 
IN MIXTURES CONTAINING INTERFERING ANIONS 


(For detailed directions, see p. 335.) 

To unknown add 3 M H2SO4 and heat to evolution of SO3 and fume 
for 5 min. Cool. Add cone. IINO3 and evaporate to SO3 fumes. Cool, 
dilute with water and centrifuge. 


Residue ]. PbSO-i, Ba80.i, SrS 04 
(CaS04, Cr2(S04)3, 102 (^ 04 ) 3 , 

1 h()2S( >4, SI ).>Or„ lESnO.H. Sof ‘i\ ()tc5). 
Treat with Ni). 2 (X);{, heat and centri¬ 
fuge. l.)iscard the solution. 


' Residue PbCOx, BaCO.}, SrC();:, 
BaSOi (CaCXh, Bi(OIl) 2 CXh, 
Fc(OH)CO,, Cr(()H) 4 , (h’-XSOd., 
Sb'iOf,, Il.'SnOid. Wash free of SOf' 
and reje(*,t washings. Treat with dil. 
IlNO.j, heat and (centrifuge. 


Residue S. BaS() 4 , 
H 2Sn( >3, 8 biOft. 'J'rent 
witli IICI, 

Res id ue 3 • ^(dud ion d. 
See Notc (). Sn( 

SbCh . 
(yombine 
with So/a- 
tion 2. 


SohUiou 2. 
Pb^ ' , 

Sr-*--^, 

(Bi‘+^, 
Fe^-' b 
Cr-^). 
Analyze 
for Crou|)s 
1, 2, 3 and 
4, coml )in- 
ingtheppt. 
of each 
group with 
like ones 
formed in 
the analy¬ 
sis of Solii^ 
tion 1. 


Solution 1. llSOr, ll^POr, 
ll 2 As 04 ‘^ and all metal ions except 
Pb' Ba + + and Sr+^+. Precipitate 
Group J and centrifuge. 


Residue 5. Solidion 4 . Adjust acid- 
AgCl. ity and piecipitate 
Group 2 with H 2 S. 
Centrihige. 


Residue 6. 
Group 2 
Suli)hides, 
Comlhno 
witli c.oi*- 
rCvS pond¬ 
ing i)pt. 
obtained 
in tfie 
analysis of 
Solution 2. 


Solution 5. 

1. Remove 
pen ta va¬ 
lent As. 

2. Remove 
P04=". 

3. Ppt. 
Group 3 
and com¬ 
bine with 
similar ppt. 
obtained in 
Solution 2. 

4. Ppt. 
Group 4 
for Ca'^'*' 
and com¬ 
bine with 
the Group 
4 ppt. ob¬ 
tained in 
Solution 2. 

5. Analyze 
for Group 5. 


The removal of P04” is separately considered (see pp. 338, 342). 
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Systematic Procedure for the Elimination of Interfering Anions 
Prior to Systematic Metal Analysis.* To a 50 mg. sample of the 
unknown substance (1) in a 10 ml. pyrex beaker add 3 ml. of 3 M 
H2SO4 (prepared by diluting 1 part of cone, acid with 5 parts of 
water). Umicr the hood heat the mixture in the air bath with fre¬ 
quent stirring, until fumes of SOs are given off. Then fume 
strongly with stirring for 5 minutes. Allow the mixture to cool 
thoroughly and then add 10 drops of cone. HNO3, washing down in 
so doing, any pn^cipitate that may have adhered to th(^ sides of the 
beaker. Boil again, and when fumes come off, fame strongly for one 
minute. Cool the mixture. Add 10 drops of cone. HNO^, boil oiure 
more, and fume strongly for one minute ( 2 ). Allow the mixture to 
cool thoroughly. Cautiously and slowly add, with stirring, 2 ml. of 
water and transfer the mixture to a ^-inl. test-tube. Wash the 
beaker with 0.5 ml. of water, adding the washings to the test-tub(\ 
Heat in the water bath for five mjnutes ( 3 ). C 'ool. Cent.rifuge and 
s(^parate the solution. Isabel the latter Solution 1 , and set it aside 
to be analyzed for all cations except Pb, Ba, and Sr ( 4 ). Wash the 
residue ( 5 ) twice with water, using five drops for each washing. 
Centrifuge and discard watchings. Add 1 ml. of 1.5 M Na^CO^, stir, 
and heat in a water bath for five minutes. Cool. Centrifuge and 
discard solution. Wash the residue free of S()4"" l)y several washings, 
using two to five drops of water each time. I'reat the residue with 
10 drops of dil. HNOs. Heat in water bath, centrifuge, and separate 
the solution. Label it Solution 2 and set it asid(\ To the r(\si(]ue 
add five drops of dil. HCl and heat in a water bath (0). Combine 
the centrifugate {Solution 3 ) with Solution 2 . If a precipitate 
forms on mixing the solutions, centrifuge and tost thc^ residue for 
Group 1 ( 4 ). Test Solution 2 for cations, comt)ining group precip¬ 
itates obtained in the analysis of this solution with like ones 
formed in the examination of Solution 1 . 

Notes. (1) It is assumed that the analysis for the anions has been c(jm- 
pleted. If fluoride has been found, slight amounts of A 1 and C.‘i will bo in¬ 
troduced from the beaker. The tests obtained for these mtitals in the sys¬ 
tematic analysis should therefore be compared with those obtained with 
small, known amounts. It is better, however, to use a platinum cru¬ 
cible if fluoride is present. Nitric acid must not be added till all the C 4 ~ 
has been removed. 

♦Curtman and Wigler, Chem. News, 139 (1929), 353; Curtman and Krakaiier 
J. Chem. Ed., 20 (1943), 3S)9. 
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(2) The treatment witli cone. IINO3 following the heating with strong 
H 2 SO 4 is intended to fa(*ilitate tlie dostruction of tartrate and various forms 
of involatile organic matter wliich interfere with the cation analysis. 
(See Curtman, Qimliiatua Analydfi, p. 401.) If organic matter is known 
to be absent, the treatment with HNO.3 may be omitted. 

(3) If no }>recipitate appears at this point, the absence of Ba, Sr and 
I^b is shown. The mixture is heated to dissolve as large a (juantity as 
possible <»f the slowly dissolving sulphates. 

(4) In the (*ation analysis the only metals of Group I likely to be j)resent 
in Solutions 1 and 2 are Ag^ and Pb^^'; for any Hg jaesent would be 
jcaidei-ed divalent by fuming with H 2 SO 4 . 

(5) 11ie residue from the II 28 O 4 treatment will contain all the Pb, Ba 
and Si- as sulphates. If no residue is obtained, these metals are absent. 
In addition, the lesidue may contain Ca, Bi, Sb and Sn, if they are present 
in larg(‘ amount, and practically all the Cr as anhydrous Gr 2 (S 04 ) 3 .* It 
may also contain some anhydrous Fe 2 (S 04)3 wliich is not very soluble in 
watei-. Boiling the rc'sidue with Na-jCOa solution will traus])Ose the sul¬ 
phates of Sr, Ga, Pb and Bi completely and 80% of the BaS 04 into the 
carbonates. These readily dissolve in IING3 provided the C'O.-r' precipi¬ 
tate is first waslied free of sulphate ion. Ilow^ever, if much tin and an¬ 
timony are pres(‘nt. the residue will not dissolve, and dil. HCl must be 
used. I'o provide for all metals, the residue is successively treated with 
<lil. HXf)a and dil. Il(4, the mixture centrifuged after each treatment, the 
acid extracts (‘ombined and the regular procedure followed for the metal 
analysis. Anhydrous ('r-^SOda, a ])ink or grayish powder, is converted to 
a small ('xtent by Na 2 CX )3 solution into the greenish-blue hydroxide, 
soluble in IINCh. 8 ^ 1)205 dissolves to a small extent in the Na2C03 solution 
forming the antimonate. 

(()) d'he residue at this point may consist of untransposed sulphates or 
sul)stanc('s not decomposed by the H 2 SO 4 treatment. It is generally small 
and can Ije discarded since enough of these substances go into Solutions 1 
<in<i 2. If the residue is laige, it should be fused in a nickel crucible with 
NajC'Ct, to which a little NaNOa is added. 


INTERFERENCES IN THE ANALYSIS FOR THE 
CATIONS OF GROUP 3 

Discussion 

Certain Anions. The pliosphates, arsenites, arsenates, fluorides, 
oxalates, borates, of Mg++ and the ions of Groups 3 and 4 while 
soluble in mineral acids are nearly all practically insoluble in 


On prolonged fiiminp; with H2SO4, the greater part of the chromate is reduced 
to insoluble anhydrous rr 2 (S() 4)3 according to the equation 

2 KaCr^O: -f 8 H 2 SO 4 2 Cr^CSOds + 8 H2O + 3 O2 + K2SO4 



INTERFERING ANIONS 


water and in alkaline solution. These salts when present in the 
unknown offer no difficulties in the analysis of Groups I and 2^ 
because in these the solutions are acid. However, when the cen¬ 
trifugate from Group 2 is made ammoniacal and treated with 
H 2 S, there will precipitate along with the metals of Group part 
or all of the Mg, Ba, Sr and Ca as phosphates, oxalates, et(!. 
Moreover, if acetate ion is present in high concentration and the 
other trivalent ions of Group 3 are absent, chromium is not pre¬ 
cipitated as the hydroxide by NII3.* It is clear, therefore, that 
a modified procedure must be followed for the analysis of tJroup 3 
when any of these anions are present. 

At the conclusion of the systematic anion analysis, p. ‘>33, at¬ 
tention is directed to the fact that all the anions with the exception 
of sulphate, arsenite and carbonate offer some interference in 
the systematic analysis for the metals. Hence in the complete 
analysis of an unknown, a search for the anions is first made and 
if any of the intci-fering class are present, the general pro(‘edure 
for their elimination is followed (see p. 334). A solution is finally 
obtained free from all interfering anions except phosphate and 
arsenate. The latter may be precipitated in Group 2 or it can be 
simultaneously removed with the phosphate. 


PRELIMINARY lOXPERlMENTS 
The Phosphate Separation 

1. The Precipitation of Ca.^(P04)2 in Group 3 . To 2 drops of the test- 
solution of Ca/^* in a test-tube add 2 drops of dil. HCl and 1 drop ot 
reagent Na 2 HP 04 . Note that no precipitate forms. Wliy? Now make the 
solution alkaline with NHs. What is the precipitate which forms? Write 
the equation. 

Note. Ra'^L Sr-''^ and Mg'* ^ behave in a similar manner when treated 
with PO 4 " in alkaline solution. In the presence of Nllr, magnesium 
yields a precipitate of NH 4 MgP() 4 . 

2 . The Precipitation of CaC204 in Group 3 . Repeat experiinent 1 using 
1 drop of reagent (NH 4 ) 2 C 204 instead of Na»HP 04 . 

Note. Phosphates, fluorides, oxalates and borates of Ba, Sr, Ca and Mg 
are insoluble in water and in alkaline solution. If the concentration of 
NH 4 + is sufficient, the borates of these metals are held in solution. 

3. Action of ZrOCl2 on PO4* To 2 drops of P 04 ® test-solution add 8 
drops of water and 1 drop of dil. HCl. Now add 2 drops of ZrOCL solution 


* BeWiU and Baldwin, /. Chem.. Ed., 11 (1937), 541. 
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(50 ing. Zr^ ^ ^ per nil.). What is the precipitate which forms? Write the 
equation for the reaction which takes place. This reaction is used to pie- 
cipitate and tlius reimive P() 4 ^ from a solution. How is the excess Zr+ ^+ 
removed (see top of p. 3d9)? 

4. Separation of AP from Zr++++. Introduce into a test-tube 1 mg. 
Zr^ *+^,1 mg. * and suifudent water to make the volume 1 ml. Add 
dil. NHa to alkaline reaction, stir and heat in the water bath for several 
minutes. Centrifuge an<l reject the solution. Now add dil. JICl with stir¬ 
ring until the mixture is aedd and then add 5 dr()])s in excess. Stir and heat 
in the water bath. Add 10 drojis of NII 4 CI solution (strength 0.2 g. ]>er 
ml.), 10 dro])s of water and I drop of sodium phosphate. Stir, heat and 
centrifuge. The r6^sidue is Zr(H 1 ^ 04 )-. Transfer the dear solution to an¬ 
other test-tube and make it alkaline with dil. NH3. A ppt. is either 
Al(01I).'{ or AIPO4 or a mixture of both. 


OUTLINE OF THE PHOSPHATE SEPARATION 
(ZrOCla METHOD) 

(For directions see p. 339.) 

Solution contains cations of Groups 3, 4 and 5, also PO 4 '*'. Boil down to 
small volume to remove ILjS and excess IICl. Make alkaline with NH3 
and then acid with IICl. Add ZrOCb. Make alkaline with NHa and heat. 
Prvri.yiiate: Zr(HP 04 ) 2 , Zr(OH) 4 , Fe(OII) 3 , Al(OH) 3 , Cr(OII )3 
Solution: Divalent metal ions of Group 3 and those of Groups 4 and 5. 
Add a slight excess of HCl, boil and centrifuge. 

Solution, ('ations of Groups 3, 4 and 5 and a small quantity 
of Zr ^ ^ ^ Heat to boiling and then add cone. NHa in excess. 
Treat with H 2 S and centrifuge. 

Residue. Group 3. Treat as Solution, Groups 4 and 5. 
per s(dieme on p. 274, modify¬ 
ing the treatment of Residue 
2 as shown below. 


Residui 2 (Scheme 3, p. 274). Fe(OH) 3 , Al(OH). 3 , Zr(OIi) 4 . Treat with 
NaOn and water, licat in water bath and centrifuge. 


Residue S. Fe(OH)3 
Zr(OH) 4 . Test for 
Fe^ ^ \ 

Solution a. A1(0H)4" containing Acidify 

with cone. HNO3, heat and then make alkaline with 
NIC. A ppt. is AI(0H)3 + Zr(OH)4. Dissolve in 
HCl, dilute the solution, add NH4CI and NaoHP04. 
Heat and centrifuge. 


Residue 5, 
Zr(HP 04 ) 2 . 

Solution 5, AP-^^ + PO4* “h HCl. 

Make alkaline with NHg. Ppt. is AIPO4 
and Al(OH)3. 


Residiu . 
Zr(llP04).2 
Zr(()II)4 
(FefOlI),). 
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The Removal of Phosphate * 

1. The Zirconyl Chloride Method.f The fact that P 04 ^ may be 
complet(ily precipitated in 0.3 M HCl by ZrOCd. is the basis of 
this simple metliod for the (elimination of P() 4 ^ and ASO 4 '' in 
(qualitative analysis. The excess Zr+^+i- is removed along with 
the PO 4 " by taking advantag(i of the fact that Zr(OPT )4 when 
precipitated by NTE and boiled for several minutes is fairly in¬ 
soluble in dil. HCl. 

Method. In tlioe syst(^m.‘itic analysis for the (nations, a centrifugate from 
Group 2 is olitaincd from which have Ix'cn lemoved jxmtavalent arsenic, 
the excess HCl as well as the l] 2 S, preliminary to the precipitation of the 
Group 3 metal ions (sc^e fiist paragraj)h, ]>. 273). Phos|)hate ion having 
be(ui shov\ n to })e present in the anion analysis, it only remains to test for 
the presence of Groups 3, 4 or Mg++ (see Note 1). For only wlien both 
PO 4 " and Grinips 3, 4 or Mg++ are jrresent, is it necessary to make a phos¬ 
phate separation. 

The solution reserved for Group 3 should have been concenti’atcxl to 
0.5 ml. CV)ol. Add drojrwise with stirring I ml. of water, and make alka¬ 
line with cautious addition of (xmc. NII3. Now make just acFl with dil. 
HCl, add 10 drops in excess and dilute with water to a volume of 
5 ml. 

Add 10 drops of ZrOCti dropwise with stirring ( 2 ). Render alkaline 
with cone. NH 3 (3). Htir for a minute and test again with litmus. The 
solution should not only be decidedly alkaline but should hav^e an odor of 
NH3. Place rubber band around beaker and set it in the boiling water 
bath. Stir and heat for 3 minutes. 

Remove beaker from water bath, neutralize with dil. HCl and add 10 
di'ops in excess. Stir and h( 3 at in boiling water bath for 5 minutes (4). 
Centrifuge for 1 minute. 


Reddue. Zr(HP 04 ) 2 , Zr(OII)4, 
(Fe(OH) 3 ). Test for small amounts 
of Fe+++ by treating it with dil. HCl, 
heating and adding KCNS. 


Solution will contain the cations of 
Groups 3, 4 and 5 and i)ossibly a 
small amount of Zr^ ^^ 


Proceed with Scheme 3, p. 273, beginning with the second paragraph 
and omitting the addition of NH4CI, The excess Zr-^^^^ will come down in 
Group 3 along with the Fe(OH )3 in Residue 3. A small amount (0.1- 

* The phosphate separation need not be made even though PC 4 ^ has been shown 
to be present (a) when the centrifugate from Group 2 fails to yield a precipitate when 
made alkaline with NHa showing the absence of all but small quantities of the 
metals of Groups 3, 4 and Mg; (]b) when it is known that Ba, Sr, Ca and Mg are 
absent. 

t Curtman, Marlies and Plechner, Chem. News, 129 (1924), 299. See also Curt- 
man and Greensladc, J. Chem. Ed., t3 (1936), 238. 
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0.2 ing.) of Zj' imiy appear with tlie AI(OII);<. Therefore, if the Al(OH )3 
precipitate is slight, it is a tra(‘e of Zr or A1 and may be rejected. To con¬ 
firm the pi’esence of treat the precipitate in a test-tube \vith dil. 

H(d until acid and then add 5 drops in excess. Add sufficient water to 
make the volume 2.5 ml., add 0.5 ml. of NHiCl solution and heat in the 
^'•ater bath. Now add 1 drop of Na 2 HP 04 , heat again and centrifuge off 
the Zr(lIP 04 ) 2 . Pender the centrifugate alkaline with Nil,-?. A precipitate 
is A1(0H)3 or AIPO4. 


NOTES 

( 1 ) Test for Groups S, or Mg^ ^ w ihr Presence of POr. Make 2 drops 
of the solution alkaline with NU.h. A precipitate sliows the ])resence of 
Mg^ * or one or more of the metal ions of (Iroup 3 or 4. If no precipitate is 
ol>tain(Ml, it is needless to remove PO 4 "' and in that (;ase j)as 8 on to 
Scheme 5. 

(2) The ])recipitate formerl is Zr(HPOj) 2 . Since Zr^^^^ and PO 4 - 
react with each other in the ratio of 91 : 190, it follows that I mg. of 
Zr^+' I precipitate ai)proximately 2 mg. PO 4 . The ZrOCb solution 
used contains 50 mg. Zr* ' ' ' per ml.; hence 10 drojis of the solution will 
pre(‘J})itate 50 mg. IXli . An excess of Zr^+++ solution is not harmful since 
the gn^atei- ])art is removed in the next operation. 

Sometimes a precipitate will not appear on adding the ZiOClu even 
though Ptb' is ])?(\sent; when this hapjxms, it is an indication either tliat 
the amount of Pf)., is small or that the ZrOCf) was added too rapidly, 
llowevei’, a pi’ecipitate of Zr(IIP 04)2 will form later when the solution is 
made alkaline and f)oiled. 

(3) Zr(lIP 04)2 precipitates best in alkaline solution. Rendering the so¬ 
lution alkaline also pi ecipitates the excess of Zr^ * * * as Zr(OH) 4 . The latter 
on boiling becomes fairly insoluble in dilute acids; so that all of the P 04 ^ 
and most of the excess Zr*^^ *^"* may be removed in one oi)eration. 

The maximum amount of Zr+^+^ remaining in solution under these 
conditions is 0.75 mg.; when, howwer, the amount of P 04 ®^ present is 
large, very little or no Zr * will pass through. 

(4) 'Phe solution is boiled with TICl to insure the complete solution of 
the hydroxides of the metals of Group 3 w4uch were i)recipitated by the 
addition of NH3. 

2 . The Ferric Chloride Method. Of the phosphates of the 
cations of Groups 3, 4 and Mg, only those of Ci. 4+4 

]?( 34 ++ are insoluble in acetic acid solution buffered by an alkali 
acetate. Hence if the filtrate from Group 2 is boiled to drive out 
the HaS, the oxidized, the HCl replaced by acetic acid and some 
ammonium acetate added, the PO 4 ® will precipitate in combina¬ 
tion with the trivalent cations of Group 3. The precipitation of the 
PO 4 ® will be complete only if the trivalent ions are present in excess. 
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When this is not the case as shown by test,* FeCL is added to the 
solution to combine with the excess P 04 ^. Of the trivalent ions, 
Fe^ ^ is chosen partly because its phosphate is the least soluble 
in acetic acid but chiefly because it is comparatively easy to de¬ 
termine when sufficient has been added. For Avhen this point is 
reached, the solution acquires a deep brown color (visible only in 
the absence of other colored ions); or a small portion of the mix¬ 
ture may be centrifuged and the solution tested for an excess of 
Fe+++ by adding NH.{ to alkaline reaction. A reddish precipitate 
shows that sufficient Fe'*"^'^ has been added. 

To remove the excess of Fe+++, advantage is taken of the fact 
that the latter may be completely precapitated even in slightly 
acid solution as Fe(()H) 3 , occluding large amounts of acetate ion, 
if the solution is buffered by much acetate and is largely diluted 
and boiled. At the same time all the P 04 “ combined with the tri- 
\ailent ions will be precipitated. The solution after centrifuging 
will contain the divalent ions of Group 3 and the ions of Groups 
4 and 5. 

The precipitate consisting of the phosphates of Al, Or and Fe (ic) 
and the hydroxide of Fe+“^'‘" and possibly the corresponding hy¬ 
droxides of Al^"* ^ and is treated with an excess of XaOH 

solution and Na202 and the mixture boiled. By this treatment all 
the Al and Cr are taken into solution as Al(OH) 4 ~ and CrOi” 
respectively, while the Fe is converted into the insoluble Fe(OH) 3 . 
After centrifuging, the resulting solution can be tested for Al and 
Cr as directed in Note 7. 


OUTLINE OF PHOSPHATE SEPARATION (FeCls METHOD) 

(For working directions see p. 342.) 

Solution 1. Obtained after removal of pentavalent As (p. 270) may contain the 
cations of Groups 3, 4, 5 and PO 4 ®'. Boil down to remove H 28 and excess HC'l. Add 
cone. HNOs and boil to oxidize Dilute with watt^r and test a few drops for 

with K 4 Fe(CN) 6 . Remainder of Solution make alkaline with cone. NH.-}, then 
add dil. HCl till slightly acid. Add 3 M NH 4 C 2 HSO 2 and 1 drop of glacial acoti<! 
acid. Add FeCla, dilute with H 2 O, l>oil and centrifuge. (C'ontinued on next page.) 

* This test is made by adding a little FeCla. In the absence of colored ions, 
such as Ni^"^, Co^"^ and Cr"' '^^, the solution will become brownish-red in color 
if the trivalent ions are present in excess. If colored ions are present, a little of the 
mixture should bo centrifuged and the solution treated with an excess of NHa. A 
reddish precipitate of Fe(OH )8 shows that Fo'^^'*' is present in excess and that no 
uncombined PO4** is present in the solution, A light-c!olored precipitate, due to 
phosphates precipitating in alkaline solution, indicates that the addetl Fe^ com¬ 
bined with the PO 4 ® and that the latter is prqpjnt in excess. 
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Residur ] may consist 
ofP'oP04,CrP04,AlP04 
and Fe(OH) 3 . Add 
water, NaOH and 
Na/iOz. Boil and con- 
trifuK(‘. 


Rcfii/lue 2. 
Pc(Oll)a. 
Bcject. 


i^olution 3. 
A1(011)4~, 
CrO,\ 
OH“. Test 
for A1 ' ' ^ 
and Cl * ' '. 


Solution 2. Ni^"^, Co^”^, Mn'*"'', Zn^*^, cations of Groups 4 
and 5. Make alkaline with Nil» and treat with Ii 2 S. Cen¬ 
trifuge. 

Residue 3. NiS, CoS, MnS, ZiiS. 
Dissolve in ilCl + HNO 3 and 
precipitate Mn as M 11 O 2 with 
KC10.j a.s directed on p. 273. 

Solution C). Groups 4 
and 5. Acidify w’ith 
acetic acid, boil to expel 
H 2 S and centrifuge. 

V eniiTiuge 



Residue 6‘. 
S 

Reject. 

Solution 7. 
Groups 4 
and 5. 

Residue 4 . 
MnOz. 

Solufiou4 . Ni ’ ^ C>) ^ , 
Zn^ C Boil down to a 
few’ ilrops. Cool. Add 
water, NaOII, NazOz, 
boil and centrifuge. 


Resitluef). 
Ni (011)2, 
Co(OII).,. 
Identical 
with Res¬ 
idue 5 p. 
275. Test 
for Ni and 
Co as di¬ 
rected on 
p. 275. 

Solvtion f). 

ZniO\\)r 
-f excess 
NaOH. 
Treat wath 
TI 2 S. Ppt. 
ZnS. 




PROCEDURE FOR THE PHOSPHATE SEPARATION 
The Ferric Chloride Method 

Test for ^. The contrifujjate from Group 2 after the removal of penta- 
valent arsenic has been boiled and set aside to )>e analyzed for Grou])8 3 5 (sec 
I). 270). If PO,C is present, a modified procedure such lus the ZrOCb or J'eCls 
method must be employed. 

Under the hood, boil down the solution to about 1 ml. to remove the excess of 
HC’l. Add 2 drops of cone. HNOs, heat to boiling to oxidize Fe"^^ (1) and dilute 
with water to 4 ml. Cool. To 2 drops of the solution in a test tul^e add 1 drop of 
K 4 Fe(C.N) 6 . A Vdue precipitate shows the presence of Fe'*’^'^ (2). If the test is 
doubtful test another portion with KCNS. 

Precipitation and Removal of POC. To the remainder of the solution contained 
in a 10 ml. beaker labeled to show the 5 ml. level, cauiioudy add cone. NHa drop- 
wise with stirring until a permanent preciijitate forms, or until the solution becomes 
alkaline. Now add dil. HCl dropwise wdth stirring until a clear solution results (3). 
Add 10 drops of 3 M NH 4 C 2 H. 3 O 2 and 1 drop of glacial acetic acid. If the solution 
is red, sufficient iron is present; if not, add FoCh (4) one drop at a time with stirring 
until the solution acquires a deep browmish-red color. If the color cannot be seen, 
owing to the formation of a precipitate or the presence of colored ions, centrifuge a 
small portion of the mixture and render the centrifugate alkaline with NHs. If a 
light colored precipitate is obtained more FeCU should be added to the main mix¬ 
ture with stirring until a test similar to that above yields with NHa a reddish-brown 
precipitate showing that Fe"^"*"^ is present in excess. Add sufficient water to make 
the volume 5 ml. Heat in the air bath to boiling. Regulate the flame and boil with 
stirring for 3 minutes. Transfer the mixture in equal portions to 2 test tubes, 
balance and centrifuge. Combine the centrifugates (Solution 2, see Outline) in a 
10 ml. beaker. 
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Residues may consist 
of FeP04,CrP04, AlPO^ 
and Pe(OIl)a (5). Com¬ 
bine in a single test-¬ 
tube using 10 drops of 
water and 10 drops of 
NaOH. Add Na202 in 
small portions with 
stirring until 50 mg. 
have been added. H eat. 
in the boiling water- 
bath for 8 minutes and 
centrifuge. 


Residue 2. 
re(OH)a. 
Reject. 


Solution d, 

AKOlDr, 
CrOr, 
OH-. Test 
for AC+* 
and CrO.}”~ 
as directed 
in Note 7. 


Solution 2 (0) may contain Ni^^, Co^ ' . MiC \ and 

thej cations of Groups 4 and 5. Make alkaline with N Us 
and treat with R 2 H. Centrifuge. 


Residue. 3, NiS, (’oS, MriS, ZnS. 
Treat precipitate with 0.5 ml. of 
water and 0.5 ml. coin*. 11(8 and 
stir well for several minutes. (St'c 
Note 7 p. 270.) Tran.sfer niix- 
ture to a 10 ml. beaker. Kiiise 
tulre wit h a few drops of water and 
add rinsings to br'aker-. Under 
hood h(‘at mixtrir-(* to boiling, add 
5 drops of cone. IlNO.i and boil 
down to r> 5 fh‘oi>s. Add 10 drops 
of wab'r, stir arid transfer rnixtuii' 
to a 2 ml. c(*ntrifugc t.ubr* and c«*n- 
trifuge the mixture to i<*mov(‘ tin* 
suhrhur. Tran.sfer the el(‘ar solu¬ 
tion to a 5 ml. beaker and boil it 
down to 1 2 drops b(*ing carr'tul 
not to evaporate to dryness, f ollow 
directions on p. 273, lim* 15 from 
the bottom, for the precipitation 
and washing of MnOa. Ontr ifnge. 


Solution, ti. Group.s 4 
and 5. Acidify with 
acetic acid, boil to cx- 
p<‘l II 2 S and cenr rifugr*. 


Residue ti. 
S 

Reject. 


Solution 7 . 
Groups 4 
and 5. 


i 

i 

I 

1 

i 

1 

I 


Residue U 
MnO-. 

(.k>nfiiTu 

as directed 
on p. 273. 


Soluiion4> Ni^ '^,C4>^ *, 

Zn" ' eontairnal in a 
to rrd. beaker. In tire 
hood, emirloying the 
ait bath, boil down 
the solution to 2 3 
drops being careful not 
1,0 evaporate to dry¬ 
ness (.sec Note 10 p. 
277). Cool. Add 3 ml. 
w’ater, make alkaline 
with NaGll (see Note 
12 p. 277) and add 5 
drojrs in exces.s. Fol¬ 
low dii’eetions for add¬ 
ing the Na 202 and 
complet ing t hr* i^ption. 
of Ni (011)2 and 
C()( 0 H )3 as dii’errbd 
on }>. 275. Ccuti ifuge. 


Residue d. 

Solution If. 

Ni(OH)2, 

Zn(011)r, 

CofOIDa. 

Follow di- 

Follow^ 

rcctions on 

directions 

p. 275. 

on p. 275. 



NOTES 

(1) The iron is oxidized for two reasons: First, because the test with 
K,Fe(CN)B or KCNS requires that the iron be in the ferric state. Second, 
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ferrous iron, like tlie otlier divalent ions of Group 3, does not precipitate 
PO 4 " in acetic acid solution. 

(2) The solution is tested for iron at this point because FeCls is later 
added to the solution to precipitate the P 04 ^. 

(3) An excess of HCl is to be avoided since it would render the precipi¬ 
tation incomplete. 

(4) A large excess of FeCb must not be added since it exerts a solvent 
action on FeP 04 , thus rendering the precipitation of the latter incomplete. 

(5) If the separation has been proi)erly conducted, the precipitate will 
contain only simill amounts of Mn++, Zn+^ or Ni ^ ^ . 

(()) If the centrifugate from the phosphate separation is reddish-brown, 
it is an indication that too much HCl was added. To remedy the difficulty, 
add NII3 drop by drop, being careful, however, to keep the solution acid 
and then boil again and centrifuge. 

(7) Test for Cr()i' only if the solution is yellow. To 2 drops of the solu¬ 
tion containe<i in a test-tube, add dil. HNO 3 to acid reaction. Cool 
thoroughly and add 1 drop of 3% H 2 O 2 . A blue coloration which may 
rapidly disiijipeai confirms the presence of chromium. Tt) the remainder 
of the solution cautir)usly add cone. HNO 3 with stirring until the solution 
is acid. Heat to boiling and then add NH 3 with stirring until the solution 
is alkaline and ]:>osscsses only a faint odor of NH 3 . A white precipitiite is 
A1(0H)3. 

The oxidation of CrP 04 to Cr 04 " by Na 20 i> is shown in the following 
equations: 

2 X CrP04 4- 4 OH- Cr(OH) 4 - 4 PO 4 ” 

3 X NaT). 4 2 H 2 O 4 - 2 c rt 4 OH- 4- 2 Na^ 

2 X (h ( 011 ) 4 - 4 4 OH- Cr04- 4 4 H^O 4 3 e 

2 C r PO 4 3 Na44 4 4 OH" 2 Cr 04 - 4 6 Na^ 4 2 P 04 “ 4 2 H^O 


COMPLETE ANALYSIS 

In this course the unknowns are limited to solutions, alloys, 
simple subsiaiHies and mixtures of compounds.* Alloys and simple 
substances have already been considered, as has also the cation 
analysis of solutions. We have only to provide for the anion 
analysis of solutions and the complete analysis of mixtures of 
compounds. 

Solutions, (a) Anion Analysis: Render 1 ml. of the solution 
alkaline with Na 2 C 03 . Then add an excess, boil and centrifuge. 
The centrifugate will be the ‘^prepared'’ solution. Test it, and if 
necessary the residue also, for anions (p. 308). 

* These do not include minerals. The latter may contain silica or silicates which 
have not been considered in this course. Minerals, moreover, contain relatively 
few anions. The method of analysis is therefore different. For procedure for the 
analysis of minerals, see Curtman’a QualUaJtive Analyau, 1938. 



COMPLETE ANALYSIS :I45 

( 6 ) Metal Analysis, Remove the interfering anions and then 
analyze for metal ions. Remove As() 4 " and PO 4 % if present, be¬ 
fore beginning Group 3. 

Mixtures of Compoimds. The ( omplete analysis will {*onsist, of 
three major steps. (1) Anion Analysis (p. 308). (2) Removal of 
Interfering Anions (except ASO 4 "" and 1 ^ 04 "^) (p. 335). (3) Metal 
Analysis. Remove As 04 ^ and P 04 “ before beginning the analysis 
for Group 3 cations. 
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CHECKING IN* 

‘^Check In.” At the first labonitory meeting of the class the instnu^tor 
should call the roll, making adecjiiate provision for those students i-egistered 
for the course hut who are unavoidably absent. (Note 1.) Next in ord(a’ is 
the assignment of students to dt‘sks. Tliis is most easily accomplished by 
rereading the class roll and assigning the d(*sks in the oi'der in w liich the 
names appear on the alpliabeti(*al list. Since each numbered desk space 
will probably have more than one set of student lockers, it v\ ill be necessaiy 
to indicate to the (!lass tlie set to be used. The students i)roceed to their 
assigned desks, and the instiaictor then unlocks them with a master key. 

Checking Apparatus. In the desk the student should find a printed 
list of all the apparatus for which he is charged. All aj)paratus should be 
carefully checked against this list, first for (juaiitity and seciond for (condi¬ 
tion. Missing articles should be indicated next to the item listed on the 
sheet. If the condition of any piece of apparatus is questionable (Note 2) 
it should be set aside until the complete outfit has been checked. This 
completed, the student should present his printed list to the instructor who 
will indicate by his signature next to articles marked “missing *' that such is 
tlie ti’ue case. Tlie instructor will then examine the (questionable arti(cl(\s 
and collect those deemed unfit for further studcmt use. All (*()lle(*ted it(mis 
are indicated as ‘^missing” on the printed list by the instruclor and in¬ 
itialed accordingly. The student is then directed to the stockroom, 
wiiere the needed articles to complete his outfit are supplied and the signed 
‘‘check in” list collected by the stockman. 

Replacement of Broken Parts of Dropping Bottles. Having (completed 
his set of apparatus, the next step is to check the student reagent bottles. 
To this en(l, the student is directed to empty all the bottles one at a time, 
being extremely careful to return each dropper to the bottle from which it 
was originally taken. (Note 3.) At the same* time he should examine each 
rubber nip])le and dropper to be sure that they are in good working order. 
Where a dropper needs replacing because it is chipped or clogged, or the 
rubber nipple is worn or leaky, a whole new unit consisting of dropper 
and nipple should be substituted. A supply of the latter should be plac^ed 
in the laboratory by the stockman prior to the first meeting of the class 
and replacements made by the instructor as needed. After washing with 
ordinary tap water, each bottle is rinsed once with a little distille(i water, 
thoroughly drained, then with dropi)er replaced set back in the rack. 
(Note 4.) 

Labeling and Filling Bottles. The filling of the dropping bottles can 
be accomplished in any one of several ways, but the method to be outlined 

* Thifi section dealing with “checking in” and “checking out ’’ was prepared by 
Jl. 1). Curtman under th(^ direction of the author. 
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here has l>een tried and found to g:ive the best results in the shortest time 
with our students and the facilities at hand. (Note 5.) Before the first 
laboratoiy period, a com})lete set of stock reagent solutions is placed by the 
stockman on a tii])le or bench unassigned for student use. This set consists 
of 28 one-liter rubber-stoppered bottles to be used for filling the 15 ml. 
bottles; 6 two-and-one-half liter bottles for filling the 30 ml. bottles; and 
4 one-half liteis ea(;li of the concenti-ated ammonia and acids for filling 
the 4 glass-stoppered bottles. (Note 0.) With a section of 21 men to a 
laboratory class divided into 7 rows witli 3 men per row, one row of students 
at a time is dii’ccted by the instructor to leave the desks and proceed to the 
stock leagent bench or table and return with one of the reagent bottles. 
All r'cagent bottles aro well stop[)er'ed and the to])s covered with corr-e- 
spondingly labeled 250 ml. beaker-s. p]ach student will now have one stock 
rea.gent Irottle on Iris desk. All are then directed to clean and dr’ain the 
leagent beakers and then })our into them sufficient li(]uid to fill their own 
reagent bottles to the slioulder. (Note 3.) Filling of students' bottles is 
always from the beaker’s and never from the large reagent bottles. After 
each student has filled his own bottle with the reagent on his desk, he 
picks iij) his entire rack and moves on in regular order to the next desk. 
Thus, in a comparatively short time each man will finish with one eac^h of 
the 21 reagents. The 21 stock bottles aro then returned by rows to the 
reagent bencli and the original proccdur-e reix^ated until all of the students’ 
bottles arc filled. To make sure that each student has a complete set of 
reagents, it is well for the instructor to read slowdy to the class the entire 
list (see A])pendix j). 355) while the students individually check them 
at their desks. 

To pr’cvent oxidation of SnCb solution, a piece of pure tin foil is folded 
to cor’respond with the height of the bottle and dropped into the solution. 
The scr-cw cap of the bottle containing H-jOj should always be left slightly 
loose to permit the escajK) of any gas. 


NOTES 

(1) It is desir'able that all students should be present since the fir-st 
day’s work is a cooperative effort on the part of the entire class. 

(2) Any material that is cracked, chipped or etched should be rejected 
by the instructor as unfit for further use. 

(3) These directions must be rigidly followed to avoid contamination 
of reagents which is a serious matter in qualitative work. 

(4) Examine the labels on all bottles and replace those that are worn or 
torn. A coating of transparent shellac will prolong the life of lal^ls. If 
shellac is not available, students should be directed to cover the label of 
the bottle with the thumb to prevent its becoming detached in washing. 

(5) This system is particularly applicable in the laboratories of colleges 
where the services of paid stockmen and laboratory technicians are limited. 

(6) These concentrated reagents are purposely supplied in smaller 
bottles to minimize the danger in handling. 
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CHECKING OUT 

“Check Out.” As ii general rule the work of checking out students' 
desk equipment is left for the last assigned laboratory ]>eriod. However, 
in those classes that meet twice per wef k and where the length of the hd)o- 
ratory period is but three liours, it has been found advisable to recommend 
that, if jiossiblc, students get most of their material (^leaned up the next 
to the last period so that the entire outfit is iK>t only clean but dry at the 
time of chec^king out. Parti(*ulaily important is it that all material be 
dry where wooden reagent racks and desk lockers an' used, as wet or damp 
stowage will first warp and later rot all shelving. (Note 1.) 

Removal of Material from Lockers. At the beginning of tiu' first hour a 
prinU^d checkout sheet containing a list of returnable items is distributed 
to all students. They are then directed to remove all bottles from the 
reagent rack and the entire equipment from desk drav ers so that the desks 
and all containers may be cleaned. 

Cleaning of Apparatus. In checking out, all the apparatus must 
cleaned, dried and })laced on a clean desk to]) wheie the material can be 
seen and inspe(’ted by the instructor. I'he use of soap i)owd('r and a small 
hand towel are veiy helpful in accom])lishing this purpose. As the student 
goes tlirough his list of returnable items he will undoubtedly firal many of 
(piestionable value for future use. Any glassware that is ciaf'ked. chipped 
or etched must be leplaccd. If there is any doubt whatsoever about the 
suitability of any piece of apparatus for further use, it should be shown 
to the instructor for his decision. All replacements arc, of course, obtain¬ 
able from the stoc^kroom. To save time, it is better for the student to 
f)repare a list of all his needed replacements ?athcr than apply to the stock- 
room for individual items. 

Cleaning of Bottles. The student should einjHy all bottles, Ix'ing 
careful that strong acids and alkalies are only emptied where plentiful running 
water will afford safe dilution. (Note 2.) Bottles should be thoroughly 
washed one at a time, and care exercised that lalxds are 7 u>i removed and 
st/oppers interchanged. After thorough washing, each bottle is refilled 
with ordinary tap water, the outside completely dried, and returnerl to the 
reagent rack. (Note 3.) 

When the student has a complete returnable kit he will re[)ort to the 
instructor who in turn after careful examination will officially (!heck him 
out. The instructor should sec to it that the printed check out sheet is 
included with the apparatus before attfiching the dei)artmental lock. 
(Note 4.) 

NOTES 

(1) The work of checking out will be greatly expedited if the instructor 
will first direct the students to remove all non-returnable items from the 
lockers. 

(2) In many sections of the country the dumping of surplus chemicals 
into sewage systems is forbidden. In any case the instructor will be 
guided by local ordinance. 
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(3) Experi(3nce lias shown that there is less deterioration to the rubber 
nipples of the flropping bottles, as well as less sticking of glass stoppers, 
when water is left in the bottles rather than if they remained empty. 

(4) The author is well aware in supplying these directions for “chocking 
in” and “checking out” that many institutions use a different system, 
('ertainly wheie there are sufli(4ent laboratory assistants and stockmen 
the necessary work (ian be done much better and witli less waste by them 
than by inexperieiKfed students. liut with our v^ery large as well as nu¬ 
merous classes today, many institutions like ours can neither afford nor 
procaire the necessary assistant^e. It is to this group that the suggestions 
incorporated in these procedui'es are offered. 

ASSIGNMENT SCHEDULE 
Semimicro Qualitative Analysis 

8 hrs. per week. 2 laboratory jieriods of 3 hrs. each, one lecture and one 
recitation. 


Period 

llome Study aud Preparation 

Laboratory Work 

1 . 


Check in and pre¬ 
paratory work. 

2. 

Grouf) 1. Preliminary Experiments, pp. 241- 
243. Refer to pp. 128-13G for reactions. 
Scheme of Analysis, pp. 252-253. Semimicro 
Technique, pp. 221-237. Structure of Com¬ 
pounds, pp. 1-15. 

Group 1. Prelim¬ 
inary experi¬ 

ments, known and 
unknown solu¬ 
tions. 

3. 

Group 2. Pi elim. Exps., pp. 243-246. Refer 
to pp. 136 -151 for reactions. Calculations, 
pp. 205-212. Bring in problems 8, 9, 10, 14, 
19, 24, 28. 

Group 1. Un¬ 
known solution. 
Group 2, Prelim, 
exps. 

4. 

Group 2. Analysis, General Discussion, pp. 
257-260. Cooi'dination Theory, pp. 15-22. 

Group 2. Prelim, 
exps. Known so¬ 
lution. 

5. 

Chemical Equations, jip. 29-36. 

Group 2. Known 
solution. 

G. 

Calculations, pp. 212-216. Bring in prob¬ 
lems 32, 34, 36, 38, 39, 42. 

Group 2. Known 
solution. 

7. 

Fii-st Quiz. Group 1, Procedure, Notes, 
Equations, Calculations. 

Group 2. Un¬ 
known solution. 

8. 

Group 3. Prelim. Exps., pp. 246-249. Refer 
to pp, 152-173 for reactions. Acids, Bases 
and Salts, pp. 22-28. 

Group 2. Un¬ 
known solution. 
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Period 

Ilonie Study amt Preparation 

Laboratory Work 

9. 

Group 3. Analysis, General Discussion, })}>. 
270-272. Solution of Electrolytes, pp. 36-48. 

Group 3. l^relim. 
exps. 

10. 

Chemical Equilibiium, pp. 53-58. 

Group 3. Known 
solution. 

Group 3. Known 
solution. Un¬ 
known solution. 

11. 

Second Quiz. Gioup 2, Theory, Procedure, 
Notes, Equations. 

12. 

Clicmical Equilibrium, pp. 59-67. Bring in 
pi ()l)lems 2, 3, 4, 7, 9. 

Group 3. Lhi- 
known solution. 

13. 

Groups 4 and 5. Prelim. Exps,, jip. 249-2.^)2. 
Refer to pp. 173-185 for reactions. Solubil¬ 
ity ProdiKd, pp. 67-8^1. Bring in problems 1, 
4, 9, 15, 18, 22. 

Groujis 4 and 5. 
Prelim, exps. 

14. 

Groups 4 and 5. Analysis, General Discus¬ 
sion, pp. 278-281, pp. 285-286. Conqilex 
Ions, pp. 83-88. Solution of Sulphides, pp. 
91-97. 

Groups 4 and 5. 
Known solution. 

15. 

Third Quiz. Ionization, Solubility Products, 
Complex Ions, Solution of Sulphides. Theory 
and Problems. 

Groups 4 and 5. 
Unknown solu¬ 
tion. 

16. 

Theory of Redox Reactions, pp. 97-106. 

General unknown 
for all groups. 

17. 

C-alculations on Redox Reactions, pp. 214- 
218. Bring in problems 53, 56, 58, 61, 63. 
General Unknown, pp. 127-128, 289. 

General unknown 
for all groups. 

18. 

General Unknown, pp. 127-128, 289. 

Gcaieral unknown 
for all groups. 

19. 

Fourth Quiz. Oxidation-Reduction, Thooiy 
and Problems. Groups 3, 4 and 5. Procttv 
dures, Notes and Eiiuations. 

Anions. Prelim, 
exps. 

20. 

Ion Ih-oduct of Water and Buffered Solu¬ 
tions, pp. 106-113. Bring in problems 1, 2, 3 
and 4, p. 109. Also problems 1 and 2, p. 113. 
Prelim. Exps. Anions, pp. 293-299. Refer to 
pp. 185-203 for reactions. 

Anions. Prelim, 
exps. 

21. 

Hydrolysis, pp. 113-120. Bring in problems 

1, 4 and 9, pp. 119-120. Procedure for Sim¬ 
ple Substances, pp. 299-306, 

Simple substances. 
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Period \ 

Hoine Study and Preparation 

Laboratory Work 

22. 

Procedure for Simple Substances, pp. 299-306. 

Simple substances. 

23. 

Metals and Alloys, pp. 289-292. Colloidal 
State, ])p. 120-125. 

Alloy. 

24. 

Fifth Quiz. pH, Hydrolysis and Simple Sub- 
staiu^es. 

Alloy. 

25. 

Review. 

Extra work. 

to 

Review. 

Extra work. 

27. 

Sixth Quiz or Final Examination. Ionization, 
Solubility Product, pll. Hydrolysis and 
Problems. 

Check out. 

28. 

If it is desired to include more laboratory 
work, per iods 23-28 inclusive can be devoted 
to the analysis of mixtures of salts and as¬ 


_ 

signments made to correspond, pp. 307-345. 



SUGGESTED LECTURE TOPICS 

1. Use of Scmimicro Api)aratus. 

Doiiionstration — Complete Analysis of Known Solution for Metals 
of Group 1. 

2. Chemical Eciuations, Balancing of Ionic Equations. Equations of 
Group 1. 

3. Group 2. Analysis. Discussion of Method of Analysis. 
Demonstration — Adjustment of Acidity Prior to Treatment with 

H 2 S. 

4. Ecjuations of Group 2. 

5. Ionization. Discussion of Weak and Strong Electrolytes. Arrhen¬ 
ius and Debye-Hiickel Theories. Common Ion Effect. 

Demonstration — Action of Weak and Strong Acids on Metals 
and Indicatoi’S. 

6. Group 3. Discussion of Method of Analysis. Complex Ions. 
Demonstmtion — Formation of Typical Complexes. 

7. Solubility Product. Theory and Demonstration of Salt Effect. 

8. Groups 4 and 5. Discussion of Method of Analysis. 

9. Oxidation-Reduction. Theory of Oxidation-Reduction. 
Demonstration — Measurement of E. M. F. of Typical Cells. Use 

of a Table of Oxidizing Potentials. 

10. pH and Hydrolysis. Theory and Use of Indicators. 

Demonstration — LTse of a Standard Set of Indicator Solutions. 

11. Anions. Discussion of Method of Analysis of a Simple Substance. 
Anion interfercnee with Cation Analysis. 
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RECORDING NOTES 

It is a mistake to attempt to write up an experiment from memory. 
As soon as each operation is performed and the results observed, a 
concise and legible record should be made in the notebook. One 
should not begin a new experiment until the last has been fully re¬ 
corded. The following example will serve to illustrate a convenient 
meth(jd of recording the results of the preliminary experiments. 


PRELIMINARY EXPh^RlMENTS 

Group 1 


Operations 

Observations 

(Conclusions and 
Equations 

Silver: To 1 mg. Ag"^ 
added HCl .... 

White ppt. 

Ag+ -f Cl“ “ AgCl 

Treated AgC'I with NHa 

Ppt. dissolved 

AgCJ + 2 Nils 

Acidified arnmoniacal 

AgCl repp’d 

Ag(NH,),+ + Cl- 
Ag(NH„)2< +01+2 11- 

solution with HNtL 
Lead: 


AgOI + 2 NH,- 


The following brief and convenient form is recommended for record¬ 
ing the analysis of known and unknown solutions. It was first pro¬ 
posed by Win. A. Noyes in his Elements of Qualitative Analysif^ (Henry 
Holt, New York). 


No. 

Substance 

Reagent 

Result 

Inference 

Ppt, or Residue 

Solution 

1. 

Known 

Solution 

for 

Group 1 

HCl 

White ppt. 

Pres, of 

Group 1 

PbCh, AgCl. 
HgjClz 


2. 

Ppt. 1* 

HotHsO 

Partial sol. 

Probable pres¬ 
ence of 
and Ag"*" 

AgCl, UgTCh 

VhCh 

3. 

Sol. 2 

Acetic Acid 
and 
KjC;r04 

Yellow ppt. 

Pres, of Pb++ 

PbCr04 


4. 

Res. 2 

NH» 

Blackens 

iPres. of 

HgNHiOl+Hg 

Ag{NH>)j-+Cl- 

5. 

6 . 

Sol. 4 

Res. 4 

HNOa 

Aqua Regia 
SuCls in x*a 

White ppt. 
Solution 

Pres, of Ag^ 

AgCl 

UgCU- 

7. 

SoL 6 

White ppt. 
which 
darkens 

Pres, of Hg 2 ‘*^ 
confirmed 

HgzCh 

Hg 



* Ppt. 1 refers always to the ppt. given on line 1. Similarly Sol, 2 is tli<* H<*lution iuentione<l 
on line 2. 
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DESK EQUIPMENT 

Articles Returnable 


2 Beakers, pyrox, 150 ml. 

1 Beakca*, pyrex, 50 ml. 

2 Beakers, pyrex, 10 ml. 

2 Beakers, pyrc'x, 5 ml. 

4 Bf)tties, ji;lass stoppeied, 30 ml. 

5 Bottles, (li()p[)iiig, 30 ml. 

32 Bottles, (li‘opping, 15 ml. 

3 Bottles, (lro])pinjj?, 15 ml. amber 
1 Burner, Tirrill 

1 Burner, micro 
1 (3'ucible, porcelain, 10 ml. 

1 (\vlin(l<a‘, gf'ad., 10 ml. 

1 (V)ver (lead) for water bath 
1 I'orc.eps 

1 lia,ck, wooden f(jr I'eagents 

Articles Non 

1 Brush, semimicro 

2 Capillary medicine drop[)ers 
7 Cards, printed, unknown 

24 Corks, No. 1 
1 File, triangular, 3" 

() pcs. Filter paper, 0 cm. 

1 pc. Glass rod, 2 mm. X 30 cm. 
lonR 

2 pcs. Glass tubing, 7 mm. o.d., 
30 mm. long 

1 box Labels, Idaiik, No. 225 
1 set Labels, printed, gummed 
1 box Matches, safety 


1 Riiig, iron, 3" 
i Ringstand 
I Spatula, micro 
1 Spot plate 

1 Test-t u])e holder, micro 
12 Test-tubes, pyrex, 4 ml. 

() Test-tubes, pyrex, conical, 2 ml. 
1 Test-tube, [)yrex, 150 X 18 mm. 
1 'Fest-tube block 
1 Tripod 

1 Triangle, jhpe stem 

1 Triangle, nichrome wii’e 

2 Watch-glasvses, \ l" 

1 Weights, set of * 

1 Wing-top for burner 

-llETUJiNABJ.E t 

2 Medicine dropj')ers 

12 Rubber bands, 1" long. No. 10 

4 Rubber nipples, 1 ml. 

1 Rubber stopper, 1-holc, No. 4 

5 ft. Rubber tubing, black, 
i.d., X /V' wall 

3 ft. Rul)bcr tubing, }" X 
1 (take Soap 

1 Sponge 
1 Towel 

1 pkg. Weighing paper (25) 

2 Wire gauzes, 4" turned edges 


Solid Chemicals 


Aluminum metal foil I" X 4" 
X 0.005" thicL, 1 g. 
Ammonium chloride, 1 g. 
Ammonium nitrate, 1 g. 
Calcium fluoride, 1 g 
Copper metal, turnings, 1 g. 


Ferrous sulphate, 1 g. 
Ferrous sulphide, 1 g. 

Iron brads, i", 2 dozen 
Lead acetate paper, 100 pcs. 
Litmus paper, blue, 100 pcs. 
Litmus paper, red, 100 pcs. 


* The set contained in a pill l^ox consists of a 1 gram wgt-. and the following mg. 
weights: 500, 200, 100, 50, 20, 20, 10 and 5. These weights need not be of the best 
quality. 

t The list includes chemicals which should be supplied in small vials. If omitted 
from the desk equipment, they must be placed in the side shelf racks. 
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Oxalic, acid, 2 
Parafriii, 1 g. 

Platinum, iimtal foil, 1 cm. scpiarc 
X 0.(KK)2" thick 

Jdatinum, metal wire, 5 cm. P. S. 
No. 22 

Potassium (dilorate, 1 g. 

I’otassium ferric vaTiidf^, 1 g. 

Quartz, powdered, 1 g. 

Sand, sea, 5 g. 

Silver sul])hate (U1 free), 1 g. 


Sodium hismuthate, i g. 

Sodium car})onate, anhydrous, h g. 
(reagent grade') 

Sodium cyanide, 1 g. fine' c?ystals 
Sodienu peroxide;, 1 g. 

Sodium sulphite, anhydrous, 1 g. 
Sexlium teti-al)oi'ate, horax, 1 g. 
Sulphur, fioweas, 1 g. 

Tin foil, (hP., ]" X 
Zinc, 20-mesh, 2 g. 


heagi^:nt solutions in sd^ui)}:Nd^’s rack 

33 DuoppiNei Hottlks, lo ml. 


Acetie; Ae*id, dil. 

Ammonium Ae*etate 
Ammemium Caihonato 
Ammonium Chloride 
Ammonium Molybdate 
Ammonium Nitr.ate' 
Ammonium Oxalate 
Ammonium Suljdiacte 
Parium Chhaide 
Pariurn llyelrejxide 
( alcium (dilenide 
( arf)<)n l>trae*lilorie le 
Cobalt Nitrate 
Di mc'thy 1 gly oxi me 
Ferrie; Chloi’ide 
Hydiogen Peroxide (amber) 
Mjignevsia Mixture 

5 DiiopriNej JierrTLEs, 30 ml. 

Ammonia, dil. 

Distilled Water 
Hyelrochle)ric Aeud, dil. 

Nitric Aedel, dil. 

Sodium Hydroxide 


Manganese (^hlorielc 
Mea’curie* Chlorale; 

^^)ta,ssium C'hroiiKite 
Potassium Perroe*yanide 
Potassium llydroxi<le 
Potassium Nitrite' 
l\)tassium Permanganate (amber) 
I\)tassium Idiiocyanate 
Silv'er Nitrate' (am))ei) 

Se)elium Ce)baltiTfitrite 
Se)elium Phe)sphate 
Se)elium Reagent 
Sexlium Carlxmate 
StanneHis Chleerieie 
Sulpliurie- Acid, dil. 

Zirconyl C'hloride 


d ( iLASSSTOPJ'EUED Pe)TTLES, 30 ML. 

Amme)nia, ce)ne*. 

Hydre)chlorie; Acid, e;e)nc. 

Nitric Ae;id, cemc. 

Sulphuric Ae;id, ce)ne;. 


SIDE SHELF SOLUTIONS AND REAGI^NTS 

Test-Solutions 

The test-solutiems are contained in 4 oz. elre>pping bottles. The ce)ne'em- 
tration, unless otherwise stated, is 10 mg. of cation or anion per ml. (se?e 
Fig. 15). 
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The Metal Ions. 25 Test-Solutions, labeled. 

Ag\ " Hg^ Cu^ CM++, AsO^r, As04^, SbCU'"-, SnCle*", 

AP ^ ('P ' S .Fe”^ ^ Ni^ ^ Co+'^ MrP'**, Zn'*"^, Ba'^ \ Ca'^ 

K+, Na^, NIP- 

The Anions. 15 TesPSolutions, labeled. 

S()4 , P()4-, a>Or, BO, , F , Cr04-, CP, Br , I~, CNS”, S% NOr, 
NO, , ClO-r, CJIaO, 

Reagent Solutions.* Alizarin Red, Ferrous sulphate (0.5 M in 0.5 M 
HoSiP), Lead nitrate, Magnesium Reagent (for eonfirniatory tests), So¬ 
dium chloride, Thiourea, Turmeric, Urt^a. 

Solid Reagents,* Starch-KI paper. 


REAGENTS 

Commercial standard chemicals may be divided into 3 classes; viz., 
(1) IT. S. P., (2) C. P. and (3) Analyzed. The last is sometimes called 
‘Tieagent Grade’' and contains a minimum of impurities. For most 
analytical work, the C. P. and Analyzed grades are satisfactory. The 
chemist should occasionally test his chemicals to make sure that their 
purity corresponds to the specifications on the label. Excellent directions 
for testing the purity of reagents are given in J. Rosin’s Reagent Chemicals 
and Standards, f 

* The.se do not include the reagents that are part of the student's desk equip- 
nient (p. If thc'we arc not provided, they must he added to the list of side 

shelf reagents. 

t Published by I). Van Nostrand Co., N. Y. Also see Kraueh, Chem. Reagents, 
Their Ihea, Methods of Testing for Purity and Commercial Varieties, Second English 
edition, revised and enlarged by H. B. Stocks, Scott Greenwood and Sons, London 
(1919), Also see A. C. S. Analytical Reagents. American Chemical Society, Wash¬ 
ington, 1). C., 1941. 



Table XII. Reagents 


I. ACIDS 



Specific 

Gravity 

Per Cent hy 
Weight 

■.. 

Approximate 

Concentration 

Acetic, glacial. 

1.050 

99.5 

17 M 

Acetic, dilute. 

1.047 

35.0 

6 M 

Hydrochloric, cone. 

1.19 

37.9 

12 M 

Hydrochloric, dilute . . . 

1.047 

10.0 

3 M 

Hydrofluoric. 


48 

24 M 

Nitric, cone. 

1.42 

69.8 

15 M 

Nitric, dilute. 

1.11 

19 

3 M 

Sulphuric, cone. 

1.84 

96.0 

18 M 

Sulphuric, dilute. 

1.09 

13 

1.5 M 

Sulphurous, sat^d sol. . 

cir. 1.03 

6-7 

0.9 M 


II. BASES 



Specific 

Gravity 

Per Cent hy 
Weight 

Approximate 

Concentration 

Ammonia, cone. 

0.90 

28% NH, 

15 M 

Ammonia, dilute ..... 

0.98 

5.1% NHs 

3 M 

Barium Hydroxide .... 




(sat’d sol. Ba( 0 H) 2 (H 20 ) 8 ) 



0.2 M 

Potassium Hydroxide . . . 

1.25 

26 

6 M 

Sodium Hydroxide .... 

1.22 

19.7 

6 M 


in. SALTS 


Salts 


Formula 

Formula 

Weight 

(hams 
per Liter 

Concentra^ 

tion 

Ammonium Acetate 


NH 4 C 2 TI 3 O 2 

77 

231 

3 M 

Ammonium Oxalate 


(NH4)2C204(n20) 

142 

35.5 

0.25 M 

Ammonium Sulphate . 


(NH.)2S0. 

1152 

132 

M 

Barium Chloride . 


BaCb(H20)2 

244 

244 

M 

Calcium Chloride . . 


CaCl2(n20)2 

147 

147 

M 

Cobalt Nitrate . . . 


Co(NO«)u(Il20)6 

291 

291 

M 

Copper Sulphate . . 


Cuso4(n-.o)& 

250 

250 

M 

Ferric Chloride . 


FeCL(ll20)fl 

270 

ISO 

0.07 M 

Lead Acetate . . . 


Pb(C2H302)2(H20)3 

379 

190 

0.5 M 

Mercuric Chloride . . 


HgCl2 

272 


Sat’d 

Potassium Chromate . 


K2Cr04 

194 

97 

0.5 M 

Potassium Ferrocyanide 


K4Fe(CN)«(H20)3 

422 

211 

0.5 M 

Potassium Iodide . . 

i 

KI 

1(>6 

83.1 

0.5 M 

Potassium Nitrite (Cl~ 

free) 

KNO 2 

85 

510 

GM 

Potassium Permanganate , . 

KMn04 

158 

3.15 

0.02 M 

Potassium Thiocyanate 

, 

KCNS 

97 

97 

M 

Silver Nitrate . . . 


AgNOs 

170 

85 

0.5 iif 

Sodium Phosphate . . 

, , 

Na2HP04(H20)i3 

358 

119 

0.33 M 

Strontium Nitrate . . 

. 

SrCNOahCHiO)* 

284 

142 

0.5 M 

Zirconyl Chloride . . 

• * 

Zr0Cla(H20)8 

I 322 

177 

60 mg. Zr 
per ml. 


357 
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SPECIAL REAGENTS 

Alizarin Red S: Dissolve 0.1 in 100 ml. of water. 

Ammonium Carbonate 2 M: Dissolve 192 of ammonium carbonate 
in a mixture of 80 ml. of cone. Nils and 500 ml. of H/) and dilute to a liter. 

Ammonium Chloride: 200 j)er lit(u-. 

Ammonium Molybdate: Treat 90 of (NH 4 )f,iMo 7024 (Hu 0 ),i (Mallinc- 
krodt Ck P. quality powdered) with 40 ml. of 15 M NHa. Stir. Add 500 ml. 
of ILO and stir. Now add 240 j>;. of NlLNO.t. Stir and dilute to one liter. 
This alkaline solution of ammonium molybdate keeps better than does the 
UNO;} solution, but before usinj;- it the solution to be tested should contain 
a slight excess (jf UNO.}. A good proportion is the following: To 2 drops 
of solution to be teste;l add dil. UNO;* until acid and then 3 drops in 
exc^ess. Now add 2 drops of the reagent. 

Ammonium Nitrate: 200 g. ])er liter. 

Bromine Water: A saturated a(iueous sedution. 

Carbon Tetrachloride, C. P. 

Cleaning Mixture: 5 g. K 2 Cr 207 {pow\l) dissolved in 1 liter cone. H 2 SO 4 . 

Dimethijlglgoxime: Dissolve 10 g. in 1000 ml. of 95^)^, ethyl alcohol. 

Ferrous Sulphate, 0.5 M in 0.5 M H2SO4: The salt should be free of NO3 . 

Fuchmi Solution: 0.125 g. per liter of water. 

Hydrogen Peroxide: 

Magnesia Mixture: Prepare a solution of 55 g. of MgCl 2 (Hi> 0 )(i and 
140 g. of NHtCl in 500 ml. of <listilled water. Add 131 ml. of cone. Nils 
and dilute to 1 liter with distilled water. 

Magnesium Reagent (O-p-dihydroxyinonazo-p-nitrobenzene): Dissolve 
0.12 g. of the dye in 240 ml. of ethyl alcohol. 

Manganese Chloride: Saturated solution of MnCl 2 (H 20)4 in cone. HCl. 

Sodium Carbonate: 250 g. anhydrous salt per liter. 

Sodium Cobaltinitrite: Analytical reagent, 135 g. per liter. 

Sodium Reagent: Treat 30 g. uranyl acetate, U 02 ((k 2 H 302 ) 2 (H 20)2 with 
120 ml. water and 100 ml. glacial acetic acid, heating until solution is 
comi)lete. Then add 220 ml. of glacial acetic acid. Heat a mixture of 40 
ml. of water and 320 ml. glacaal acetic acid to boiling. Remove the flame. 
Aild slowly, with stirring, Mg(C 2 H.'> 02 ) 2 (H 20)4 until 148.5 g. have been 
added; heat and stir until all the salt has dissolved. Mix the two solutions 
while still warm, stir and allow to stand overnight. Filter through cotton. 

Sodium Chloride M: 58.5 g. NaCl per liter. 

Stannous Chloride, 0,25 M in 3 M HCl: Dissolve 56.5 g. of SnCl 2 (H 20)2 
in 250 ml. of cone. HCl and dilute to a liter. To prevent solution from oxi¬ 
dizing keep in a well-stoppered bottle, containing a strip of pure tin foil. 

Thiourea: Dissolve 1 g. in 100 ml. of H 2 O. 

Turmeric: Shake an excess of turmeric powder with 95% ethyl alcohol 
and filter the mixture. Dilute with 9 parts of ethyl alcohol. 

Urea: Dissolve 20 g. in 100 ml. 3 N HCl. 

Zirconyl Chloride: 177 g. {)er liter. Reagent for removing P 04 *“. 

Zirconyl Nitrate, (for fluoride test): Dissolve 0.1 g. in 20 ml. of cone, HCl 
and dilute with water to 100 ml. 
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THE PREPARATION OF TEST, KNOWN AND 
UNKNOWN SOLUTIONS 

All the solutions used in qualitative work should he of definite 
concentration. Reagent solutions are generally prepared on the 
molarity basis while test, known and unknown solutions are made 


Table XIIL Standaiid Stock Solutions 
Containing 100 Mg. Metal Ion plr Ml. 


Metal 

Salt 

For¬ 

mula 

Weight 

Sol ah Hit ij 
in too PlH. 
of Water 

Per 

Cent 

Metal 

Grams 

per 

Liter 

Silver . . . 

AgNOs 

170 

v.s. 

63.5 

157 

Mercury (ous) 

Hg.,(N03)2(H20)i, 

500 

Sol. in pres, 
of HNO 3 

71.5 

140 

Lead .... 

Pb(N03)2 

381 

48 

62.5 

160 

Mercury (ic) . 

[fIg(N03)2]2(H20) 

333 

Sol. in pros, 
of HNO 3 

60 

167 

Mercury (ic) . 

HgCU 

271 

7.4 

74 

135* 

Bismuth . . 

Bi(N0a)3(H,0)« 

484 

Sol. in pres, 
of HNO 3 

43 

233 

Copper . . . 

Cu(NO,,) 2 (Il 2 C ))3 

241 

v.s. 

26 

380 

Cadmium . . 

Cd(N02)2(H20)4 

308 

v.s. 

36 

278 

Arsenic . . . 

AS 203 

198 

Sol. in (1:1) 
HCl 

75.5 

t 

Antimony . . 

SbCl, 

228 

Ditto 

53.4 

188 

Tin (Stannous) 

SnCl2(Il20)2 

225 

Sol. in pres, 
of HCl 

53 

188 

Tin (Stannic) . 

SnCl4(H20)6 

350 

v.s. 

34 

294 

Aluminum . 

AlCl3(H20)o 

242 

74 

11.1 

t 

Chromium . . 

CrCI,(H20)„ 

266.5 

v.s. 

19.6 

510 

Iron .... 

FeC]3(H20)6 

270 

v.s. 

20.7 

482 

Nickel . . . 

Ni(N03)2(H20)6 

291 

50 

20 

500 

Cobalt . . . 

Co(N03)2(H20)6 

291 

v.s. 

20 

500 

Manganese 

MnCl2(H20)4 

198 

150 

28 

360 

Zinc .... 

Zii(N0,)2(n20)c 

298 

v.s. 

22 

455 

Barium . . . 

BaCl2(H20)2 

244 

41 

56 

179 

Strontium . . 

Sr(NO.,)2(H20)4 

284 

40 

31 

324 

Calcium . . 

Ca(N03)2(H20)4 

236 

v.s. 

17 

590 

Magnesium 

Mg(N03)2(H20)6 

256.5 

200 

9.4 

§ 

Sodium . . . 

NaNOs 

85 

80 

27 

371 

Potassium . , 

KNO 3 

101 

31 

39 

257 

Ammonium 

NH 4 CI 

53 

33 

34 

294 


* This quantity readily dissolves in the presence of 50 g. NaCl. 
t 33 g. in a liter of HCl (1:1) will give a concentration of 25 mg. As per mL 
J 450 g. in a lit-er will give a concentration of 50 mg. AU'*'* per ml. 

S 530 g. in a liter will give a concentration of 50 mg. Mg'*" per ml. 
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up to contain 10 mg. of the cation or anion per ml., by diluting stock 
solutions of strength 100 mg.* of metal ion per ml. 

Stock Solutions containing 100 mg. of cation or anion per rnl. may be 
readily prepared with the aid of Tables XIII and XIV. Only the purest 
tested (^henii(;als should be employed for these solutions. Where the com¬ 
mercial salt available is not of a high degree of purity, note should be 
made of the impurities present and the latter considered in grading the 
unknowns containing this salt. 


Tablk XIV. Standard Stock Solutions Containing IOO mg. 
Anion per ml.* 


Anion. 

Sail 

F or- 
mida 

W eight 

Sola- 
biliUj 
in 100 
Pis. of 
Water 

Per 

Cent 

A niofi 

Grams 

per 

Liter 

Carbonate 

Na,C03 

10().0 

7.V 

56.62 

176 

Sulphate . 

(NH4)2S04 

132.14 

7l.« 

72.67 

138 

> Sul])hjto 

Na2S03 

12().{)7 

14.P 

63.52 

157 

Thiosulphate . 

N a2S203(H20)6 

248.22 

74.7*^ 

45.22 

221 

(Chromate 

KoCrO^ 

194.30 

()1..5“ 

59.77 

167 

- Borahs 

Na 2 B 407 (H, 0 ).„ 

382 

1.3^ 

451 

223 

- Tartrate . 

Nfi2CAUMRiO)2 

230.1 

29.'^ 

64.3 

155 

Phosphate 

Na2FIP04(Il20)i2 

358.2 

6.3 

26.51 

377 

Fluoride . 

KF(H20)2 

94 

v.s. 

20.2 

495 

Oxalate 

(NH4)2C204(H20) 

142.10 

4.2>^ 

61.90 

162 

Arsenih^ . 

NaAsOi 

130 

v.s. 

83 

120 

Arsenate . 

Na2HAs04(H20)7 

312.12 

61.^' 

44.53 

225 

Chloride . 

NaCl 

58.40 

35.7« 

60.67 

165 

^Bromide 

KBr 

119.02 

53.5« 

67.16 

149 

.'Iodide . 

KI 

106.02 

126. P 

76.46 

131 

.. Cyanide 

NaCN 1 

49 

v.s. 

53 

190 

■Fcrrocyaiiidc . 

K4Fe(CN)6(H20)3 ; 

422.3 

27.8'*^ 

50.2 

198 

Ferricyanide . 

K3Fe(CN)6 1 

329.21 

33.-* 

64.35 

155 

' Thiocyanate . 

KCNS 

97.18 

177.2« 

59.75 

167 

‘ Sulphide . 

Na2S(H20)9 

240 

v.s. 

13.3 

752 

, Nitrite. 

NaN02 

69.01 


66.68 

150 

Nitrate 

KNO 3 

101.11 

13.3« 

61.36 

163 

•^Acetate 

NaC2H302(H20)3 

136.07 

26.« 

43.41 

230 

* Chlorate . 

KCIO 3 

122.56 

3.3« 

68.11 

147 

^ Silicate 

Na2Si03(H20)5 

207 

v.s. 

36.7 

272 


1 Calculated as BOa". 


* If owing to the small solubility of the salt, a solution of this concentration 
cannot be prepared, then one containing 50 or 25 mg. of cation or anion per ml. is 
made up. 
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Test and Known Solutions. Test and known solutions for the metal 
ions are prepared from the stock solutions by proper dilution with distilled 
water. It is well to prepare the known solutions in such a manner that ti^e 
volume, (usually 1 ml.) used by the student shall not contain moie than 
25 mg. of metal ion. The same considerotions apply to unknown solutions. 
(To prevent tlie formation of precijntates in solutions containing Sb and 
Sn, it is well to begin with ^ the final volume of cone. H(1.) 



Unknown Solutions.* There are two methods of making up studcait 
unknown solutions. 1. A definite number of drops of the standard solu¬ 
tions are introduced into 4 ml. test-tubes and the resulting solution diluted 
to 1 ml. 

2. A large number of stock unknown solutions are prepared by mixing 
measured volumes of the standard stock solutions. Definite volumes of 
these solutions are then issued to students. 

The Breithut H,jS Generator, Tliis generator (Fig. 39) was devised by 
Prof. F. E. Breithut of tlie Brooklyn College of the College of tla? City of 
New York, and has been successfully used for the i)ast 30 yeai-s in the 

* Curtman, '‘A System for the Preparation of Unknowns,” School Sci. and Math., 
10 (1910), 513; ihuL, 11 (1911), 827. 
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qualitative laboratories of the College. The dimensions of the various 
parts of this generator are given below. 

Dinwnsions of the Parts of the Generator, 

Calcium Chloride jar, 24 in., E. & A. No. 22554. 

Aspirator bottle, 2 litei*, E. & A. No. IS790. 

Glass tubing (pyrex), |" o.d., K. & A. No. 24574. 

Glass stopcock, 2 mm. bore. 

Rubber tubing, [)ure gum, handwrapped, pressure I" i.d. X wall. 
Cias washing bottle, 250 ml., M & A. No. 18840. 

Capillary glass tu])ing, 1 mm. bore X outside diameter. 

Clamps, Hoffmann large, E. A. No. 20294. 

Glass T tube (})yre\), o.d. 

Alain lead pi[)e internal diameter.* 

Rubber stoi)pers to fit, 

♦Glass tubing of 8 nun. o.d. provided with T tubes may be conveniently sub- 
Btituted for the main lead pipe. 
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Solubilities and Solubility Products 


Substg,nre 

Solubility in g/l 

Solubility Product 


1.1 X 10-' 

3.5 X lO-*'’ 

A^CNS 

1.4 X 10-' 

7.1 X 10-'* 

AgCl 

1.5 X 10 " 

1.2 X 10-'“ 

Aj:^2Cr04 

2.5 X 10-'' 

1.7 X 10-12 

Agl 

3.0 X 10- » 

1.7 X 10-'“ 

Al (011)3 


1.1 X 10-15 

BaCOa 

2.7 X 10-2 

1.9 X 10--3 

BaCr04 

3.8 X 10-3 

2.3 X 10-10 

BaS04 

2.5 X lO-'^ 

1.2 X 10-10 

BijSa 

1.8 X 10-^ 

5 X 10-33 

Ca(X)3 

1.3 X 10-2 

1.7 X 10-« 

C'aCjOi 

8.0 X 10-3 

3.8 X 10“® 

CaFo 

1.6 X 10-2 

3.2 X 10-" 

CX)S 

7 X 10-"> 

3 X 10-20 

CuS 

8.8 X 10-21 

8.5 X 10"'^ 

CdS 

8.6 X 10-13 

3.6 X 10-2» 

IX,s 

3.4 X 10-« 

3.7 X 10-10 

Fc(0H)3 

5 X 10-» 

1.1 X lO-'io 

Hg2Cl2 

3.8 X 10-' 

2.0 X 10-13 1 

HgS 

1.5 X 10 2» 

4.0 X 10-03 

MgC03 

4.3 X 10-1 

2.6 X 10-0 

Mg(OH)o 

9 X 10-3 

3.4 X 10 -11 

MgNll4P04 

8.6 X 10-3 

2.5 X 10-13 

MnS 

3.3 X 10-« 

1.4 X 10-10 

NiS 

7.0 X lO-'i 

1.4 X 10-24 

PbC]2 

11 

2.4 X 10-4 

PbS()4 

4.2 X 10-2 

2.3 X 10-8 

PbCr04 

4.3 X 10-1^ 

1.8 X 10-1' 

PbS 

4.9 X 10 >2 

4.2 X 10 -28 

SrCOa 

1.0 X 10-2 

4.6 X 10-« 

SrSOi 

1.1 X io-> 

3.6 X 10-2 

ZnS 

3.3 X 10-i« 

1.2 X 10-23 


This is the value of X C-q\- 
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Table of Inorganic Compounds 

The table on pages 364-381 gives the color and solubility of nearly all 
the inorganic compounds likely to occur in inorganic analysis. The solu¬ 
bility in water is expressed in grams of the substance in idb g. of water. 
Temperatures are in degrees Centigrade. Where no temperature is given, 
room temperature is implied. 

Abbreviations used in the table are: a, acid; alk, alkali; aq. reg., aqua 


regia; cone, concentrated; d or dec, decomposes; dil, dilute; h, hot; i, in¬ 
soluble; s, soluble; si, slightly; v, very; >, greater than; <, less than. 

Formula 

Color 

Solubilitij in 
Waterf g. per 100 
9. IhO 

General 

Solubility 

Silver 

Ag 

White 

i. 

s.HNOs; i.alk. 

AgCallaOi 

White 

1.04(20°) 

AgsAsO^ 

Red 

8.5 X 10-'(20°) 

s.a., alk. 

AgaAsOa 

Yellow 

1.2 X l(rH20°) 

s.a., alk. 

AgBOa 

White 

9 X 10^‘(25°) 

s.a. 

AgBr 

Yellow 

8.4 X 10~« 

S.NH3, KCN 

Ag2C08 

Yellow 

3.2 X 10-»(25°) 

S.HNO3, NHa 

AgClOa 

White 

10(15°) 


AgCl 

White 

J.5 X 10 ^ 

S.NH3, KCN 

AgaCr 04 

Red 

2.5 X 10 

s.a., NH3, 

KCN 

Ag 2 Cr 207 

Red 

8.3 X 10 HFY) 

S.HNO3, NHa 

Ag.(CN)a 

White 

2.2 X 10-^ 

s.a., KCN 

Ag3Fe(CN)« 

Orange 

6.6 X 10-H20°) 

S.NHa 

Ag 4 Fe(CN )6 • H2O 

Yellow 

i. 

s.KCN 

AgF 

Yellow 

172(20°) 


AgoSiFa • 4 IhO 

White 

v.s. 


Agl 

Yellow 

3.5 X 10“' 

s.KCN, Na 2 S 203 

AgNOa 

White 

227(19.5°) 


AgN02 

White 

3.6 X 10-H2r) 

S.HNO3 

AgaCaO^ 

White 

3.5 X 10“^ 

S.HNO3 

AfoO 

Brown 

2.0 X 10“^ 

S.HNO3, NH3 

AgaPOa 

Yellow 

6.4 X 10"^ 

s.a., NHa 

AgaSiOs 


i. 

d.a., s., NHs 

AgjSOi 

White 

8 X 10“’ 

S.HNO3, NHs 

AgsS 

Black 

r X i 0“*2 

S.HNO3 

AgjSOj 

White 

<5 X 10“=^ 

S.HNO3 

AgAHaO, 

White 

2 X 10“H18®) 

8.HNO3, NHs 

AgCNS 

White 

1.4 X 10“^ 

r.NHs 

AgjSjOj 

White 

sl.s 

S.NHa 

Lead 

Pb 

Grey 

i. 

S.HNOs 
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Formula 

Color 

Solubility in 
Water ^ g. per WO 
g. IhO 

General 

Solubility 

Pb(C2H302)2 • 3 H 2 O 

White 

50(25°) 


PbHAs 04 

White 

i. 

s.HNOs 

Pb(As02)2 

White 

i. 

S.HNO 3 

Pb(B02)2 • H 2 O 

White 

i. 

s.HNOs 

PbBr2 

White 

9.7 X 10-1(25°) 

s.a., KBr 

PbCOa 

White 

6 X 10-^ 

s.a., alk. 

2 PbCOa • Pb(OH)2 

White 

i. 

s.a. 

Pb(C103)2 • H 2 O 

WWte 

151.3(18°) 


PbCb 

White 

9.6 X 10-1 

8. cone. 11 Cl 

PbCrOi 

Yellow 

2 X 10-^ 

s.a., alk. 

Pb(CN)2 

White 

sl.s. 

s.a. 

Pb8[Fe(CN)fl]2 • 6 H 2 O 

Red 

sl.s. 

S.HNO 3 , alk. 

Pb 2 Fe(CN )6 • 3 H 2 O 

Yellow- 

white 

i. 

i.a., SI. 8 .H 2 SO 4 

PbF2 

PbSiFe • 2 H 2 O 

White 

6.4 X 10-=^ 
v.s. 

S.HNOa 

Pb(OH)2 

White 

1.9 X 10-1 

s.a., alk. 

Pbl2 

Yellow 

6.0 X 10-2 

b.KI 

Pb(N03)2 

White 

52.3(20°) 


Pb(N02)2 • H 2 O 

Yellow 

v.s. 


PbC204 

White 

1.5 X 10-^18°) 

S.HNO 3 

PbO 

Yellow 

1.7 X 10-2(20°) 

s.a., alk. 

PbO 

Red 

1.3 X 10-1(22°) 

s.a., alk. 

Pb02 

Brown 

i. 

d.a. 

Pb804 

Scarlet 

i. 

d.a. 

Pb3(P04)2 

White 

1.3 X 10 -^ 

S.HNO 3 

PbS04 

White 

4.3 X 10-1 

s.conc.a. 

PbS 

Black 

4.9 X 10-11 

S.HNOa 

PbSOa 

White 

i. 

S.HNO 3 

PbC4H406 

White 

1 X 10-2(18°) 

S.HNO 3 

Pb(CNS)2 

White 

4.5 

S.HNO 3 

PbS 203 

White 

3 X 10-2(15°) 

d.a. 

Mercury 

Hg 

Silvery 

i. 

S.HNO 3 

Hg2(C2H302)! 

White 

7.5 X 10-1(13°) 

s.HNOs, H2S0< 

(Hg3)2(As04)2 

Red 

i. 

S.HNOa 

Hg2Br2 

Yellow 

3.9 X 10-^ 

s.a. 

Hg2CO» 

YeUow- 

brown 

i. 

S.HNOa 

Hg^CClO,), 

White 

s. 


HgjCU 

White 

2.1 X 10-^ 

s.aq.reg. 

HgjCr 04 

Hg 3 Fe(CN), 

Red 

sl.s. 

i. 

S.HNOa 
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Formula 

Color 

Solubility in 
Water, g. per 100 
g. IW 

General 

Solubility 

Hg 2 F 2 

Yellow 

dec. 


HgjSiFc • 2 H 2 O 

White 

sl.s. 


HfcE. 

Yellow 

2.0 X 10”«(20^) 

s.Kl 

HgNO, • 2 fIsO 

White 

v.s. 


Hg2C204 


i. 

SI.S.HNO 3 

Elg20 

Black 

7 X 

s.acet.a. 

lIg»P04 


i. 

S.HNO 3 

Hg 2 SO,i 

White 

6 X 10-2(25°) 

S.HNO 3 , H 2 SO. 

Hg 2 S 

Black 

i. 

i.a., s.(NH 4 ) 2 S, 

Hg 2 (CNS )2 


i. 

s.HCl, KCNS 

Hg(C 2 H 202)2 

White 

25(10°) 


Hg3(As04)2 

Yellow 

sl.s. 

s.a. 

Hg3(As03)2 


sl.s 

d.KOH 

IIgHr 2 

White 

6.1 X 10-1 

s.hot water 

2 HgO • HgCOa 

Red 

i. 


Hg(NH2)Cl 

White 

i. 

aqua regia 

Hg(C103)2 

White 

25 


HgCl2 

White 

7.4(20°) 


HgCr 04 

Red 

i. 

s.a. 

Hg(CN)2 

White 

11.3(25°) 


Hg,[Pe(CN )„]2 


v.s. 

sol.d. quickly 

Hg2Fe(CN)3 

Brown 

i. 

i.a. 

HgF2 

White 

dec. 

s.a. 

Hgl2 

Red 

6 X 10-3 

s.a. 

Hg(N0,)2 

White 

v.s. 

S.HNO 3 

HgC204 


i. 

s.a. 

HgO 

Red 

5 X 10-3 

s.a. 

Hg,(P04)2 

White 

i. 

s.a. 

HgS04 

White 

6 X 10-2 

s.a. 

HgS 

Black 

4.6 X 10-2® 

s.aq.reg. 

Hg(CNS)2 

White 

7 X 10-2 

s.a. 

Bismuth 

Bi 

Grey- 

i. 

S.HNO 3 

2 BiAs04 • H 2 O 

white 

i. 

s.HCl, i.HNOa 

BiAsOa • 5 H 2 O 


sl.s. 

S.HNO 3 

BiBOs • 2 H 2 O 


sl.s. 

s.a. 

BiBrs 

Yellow 

dec. 

s.al., ether 

Bi 203 • CO 3 • H 2 O 

White 

i. 

s.a. 

BiOBr 

White 

i. 

s.a., i.alk. 

BiCU 

White 

dec. 

s.a. 

BiOCl 

White 

i. 

s.a., i.alk. 
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Color 

Solvbiliiy in 
Water, g. per 100 
g. 

General 

Solubility 

Bij(CrO .)3 

Orange- 

red 

8 X 10-^ 

s.a. 

BiF, 



s.a. 

Bi(OH)3 

White 


s.a. 

Bila 

Black 


S.HNO 3 

Bi(NO ,)3 • 5 H 2 O 

White 

dec. 

s.a. 

BiONOs • H 2 O 

White 


s.a., i.alk- 

Bi2(C304)3 

White 


s.a. 

Bi 203 

Yellow 


s.a. 

Bi 206 

Brown 


s.a. 

BiP04 

White 


s.IiCl 

Bi3(S04)3 

White 

dec. 

s.a. 

Bi2S3 

Brown- 

black 

1.8 X 10-H18°) 

s.HNO;i 

Copper 

Cu 

Red 

i. 

S.HN 03 

CuCCjHjOs)^ • HjO 

Green 

7.2(15°) 


Cu3(As04)o • 4 H 2 O 

Blue- 

green 

i. 

s.a. 

Cu(AsOo)2 

Green 

sl.s. 

s.a. 

Cu(B 02)2 

Green 

i. 

s.conc.HCl 

CuBr 2 

Black 

v.s. 


CuCOa • Cu(OH )2 

Green 

i. 

s.a. 

Cu(C103)2 • 6 H 2 O 

Green 

240(18°) 


CuCl 2 

Brown- 

yellow 

76.2(16.1°) 


CuCr04 

Brown 

i. 

s.a. 

Cu(CN )2 

Y ellow- 
green 


s.KCN 

Cu,[Fe(CN)3l2 

Yellow- 

green 

i. 

i.HCl, s.NH? 

Cu 2 Fe(CN )6 • 7 HjO 

Red-brown 

i. 

s.NIIa, i.a. 

CuFa • 2 H 2 O 

Pale blue 

sl.s. 

s.a. 

CuSiFe • 6 H 2 O 

Blue 

234(17°) 


Cu(OH )2 

Blue 

i. 

s.a., INria 

Cul 2 


4.3 X 10-^ 

dec.a. 

Cu(N03)2 • 3 H 2 O 

Blue 

125(20°) 


Cu(N03)2 • 6 H 2 O 

Blue 

244(0°) 


2 CuCA • HjO 

Blue 

i. 

s.a. 

CuO 

Black 

i. 

s.a. 

Cu,(P04)2 • 3 HiO 

Blue 

i. 

s.a. 

CiiSiOs ■ H 2 O 


i. 

s.a. 
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Formula 

Color 

SoLubilitij in 
Water j g. per 100 
H 2 O 

General 

Solvhility 

CuSOi 

Orn, white 

20.8(20°) 


CuS()4 • 0 HviO 

Blue 

33(20°) 


CuS 

Black 

8.8 X 10~2« 

S.HNO 3 

CllC 4 ll 40 t, .‘i H 2 C) 

Green 

2. X 10-2(15°) 

s.a. 

Cii(CNS)2 

Black 

dec. 

s.a. 

Cu.Br, 


i. 

s.a. 

Cll2(X):i 

Yellow 

i. 

s.a. 

CuoCn., 

White 

1.2 X 10-2(20°) 

s.HCl 

Cu.CCN). 

White 

i. 

S.NHa 


Red 

i. 

s.NHa 

CaJ^o(C'N)f; 

Red 

i. 

s.NHs 

Cu 2 F.> 


i. 

S.HNO 3 , HCl 

CuOll 

Yellow 

i. 

s.a. 

CU 2 I 2 

White 

3.0 X 10-^20°) 

i.a., s.KI 

C 112 O 

Red 

i. . 

s.HCM 

CU 2 S 

Black 

5 X 10-^(18°) 


CugSOa • H^O 

Red 

sl.H. 

s.HCl, NHs 

Cu 2 (CNS )2 

White 

5 X 10 H20°) 

S.NH 3 

Cadmium 

CM 


i. 

s.a. 

C(i(C2H302)2 • 3 HA ) 

White 

v.s. 


(M3(As()4)2 

White 

i. 

s.a. 

CM3(As03)2 

White 

sl.s. 

s.a. 

Cd(B 02)2 

White 

i. 

s.a. 

(MBr,. 

White 

94(18°) 


(MC^Oa 

White 

i. 

s.a. 

CM(C1()3)2 • 2 H 2 () 

White 

372(18°) 


CMCX 2 

White 

141(20°) 


CdCrO, 

Yellow 

i. 

s.a. 

Cd(CN )2 

White 

1.7(15°) 

s.a., KCN 

CiUFeAO^U 


i. 

s.HCl 

CdF2 

White 

4.36(25°) 

s.a. 

(VlSiFe • 0 1120 
(M( 0 H )2 

White 

v.s. 

2.6 X 10-^ 

s.a. 

C\ll 2 

Brown- 

ax (20°) 


Cd(N03)2-41120 

white 

White 

166(18°) 


Cd(N 02)2 • H 2 O 

C\IC204 • 3 H 2 O 

White 

v.s. 

3.7 X 10-’ 

s.a. 

(MO 

Brown- 

i. 

s.a., i.alk. 

(Ms(P04)2 

yellow 

White 

i. 

s.a. 

VdBOi 

White 

76.02(25°) 
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Color 

Solubility in , 

Tjr , inn General 

ITater, g^pcr 100 

0 - a 2 G 

CdS 

Yellow 

8.<' X 10-^2 

s.llNOa 

CdSOs 

White 

sl.s. 

s.a. 

C(1(CNS). 


sl.s. 

s.a. 

CdC4H406 

White 

i. 

s.a. 

CdSjOa • 2 HaO 


s. 


Arsenic 




AS4 

Grey 

i. 

s.IINOs 

AsBra 

Yellow 

dec. 


AsCL 

Liq. 

dec. 

s.HCl 

AsCls 


dec. 


AsF, 


dec. 


AsFs 


s. 

s.alk. 

Asia 

Red 

30(100°) 


Asia 


S. 


AS 2 O 8 OL 

White 

1.7(20°) 

s.HCl 

As-iOa fi 

White 

3.7(20°) 

s.HCl 

AS 2 O 6 

White 

150(16°) 


HsAsOa • i HjO 

White 

16.7 

s.alk. 

AS 2 S 3 

Yellow 

5.2 X lO-'' 

s.alk., HNOa 

A.S 2 S 6 

Yellow 

i. 

8.HNO,, alk. 

Antimony 




Sb 

Silveiy- 

i. 

s.aq.reg. 


white 



SbBra 

Yellow 

dec. 

s.HCl, HBr 

SbCla 

White 

dec. 

s.HCl 

SbCla 

Liq. 

dec. 

s.HCl 

SbFa 

Greyish- 

445 



white 



SbFs 


v.s. 


Sbla 

Red- 

dec. 

s.HCl 


yellow 



Sb20(C204)2- liHzO 

White 

i. 

s.a. 

SbaOs 

White 

1.8 X 10-3(15°) 

s.HCl, alk 

Sb204 

White 

i. 

i.a. 

Sb208 

Yellow 

i. 

s.HCl 

Sb2(S04)s 

White 

dec. 

S.H 2 SO 4 

Sb2S8 

Red 

1.8 X 10-<(18°) 

s.alk. 

Sb2S6 

Red 

i. 

s.alk 

Sb2(C4H406)8 • 6 H 2 O 

White 

s. 


K(Sb0)C4H40«iH20 

"White 

6.3(9°) 
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Formula 

Color 

Solubility in 
Water, g. per 100 
g. H/J 

General 

Solubility 

Tin 

Sii 

8 ilveiy- 

i. 

s.HCl, aq.reg 

Sn(C2H302)2 

white 

Yellow 

dec. 

s.a. 

SnBr 2 

Yellow 

s. 


Snlir^ 

White 

s. 


SnCl 2 

White 

270(15°) 


SnCl 2 • 2 H 2 O 

White 

s. 

s.a. 

SnCl4 

Colorless 

v.s. 


8nCl4 • 5 JL.0 

Hq. 

White 

v.s. 


8n(Cr04}2 

Brownish- 

s. 


SnCr04 

yellow 

Brown 

vSl.S. 

s.HCl 

Siia[Fe(CN)6l2 


i. 

s.HCl 

8n(iFe(CN)6 


i. 

s.HCl 

8 nF 2 

White 

v.s. 


S 11 F 4 

8 n(OH )2 


v.s. 

2.1 X 10-' 

s.a., alk. 

8 n(OH )4 • a: H 2 O a 

White 

i. 

S.HNO 3 

Bn(Oll),xR20fi 

White 

i. 

i.HNOa 

Bid. 

Red 

1 ( 20 °) 

s.HCl 

BnU 

Orange- 

dec. 


8nG204 

red 

White 

i. 

s.dil.HCl 

8dO 


i. 

s.a. 

8 n 02 

White 

i. 

i.a., s.conc. 

8nS04 

White 

19(19°) 

H 28 O 4 

811 ( 804)2 • 2 H 2 O 

White 

v.s. 


8 nS 

Brown 

2 X 10"H18°) 

s.HCl 

811 S 2 

Yellow 

2 X 10~H18°) 

s.alk.sulphide 

SnC4H406 

White 

i. 

s.dil.HCl 

Nickel 

Ni 

Grey 

i.- 

S.HNO 3 

NKCjHsOi)^ 

Green 

16.6(15°) 


Ni3(As04)2 

Green 

i. 

s.a. 

Nij(As03)2 

Green 

i. 

s.a. 

Ni(BOj )2 • 2 HjO 

Green 

i. 

s.a. 

NiBrj 

Yellow 

113(0°) 


NiCO, 

Green 

9 X 10-“«(25°) 

s.a. 

Ni(C10,)! 

NiCls 

Yellow 

156(16°) 

64(20°^) 
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Formula 

Color 

Solubility in 
Water, g. per 100 
g. IhO 

General 

Solubility 

NiCr04 


1 

s.conc.HNO;! 

Ni(CN)2- 4 IW 

Green 

i. 

s.KCN 

NiCi4H,4N404 

Re(i 

i. 

s.a. 

Ni2Fe(CN)6- llHoO 

Green 

i. 

i.HCl, s.NHr 

NiFo 

Green 

2 X 10-2 


NiSiFe • 6 H 2 O 

Green 

v.s. 


Ni(OH)3 

Black 

i. 

s.a. 

4Ni(OII)2- HoO 

Green 

i. 

s.a. 

Nil2 

Black 

148(20°) 


Ni(N 03)2 

Green 

06.3(20°) 


Ni(N02)2 

Green 

v.s. 


NiC204 • 2 H 2 O 

Green 

i. 

s.a. 

NiO 

Green 

i. 

s.a. 

Ni 203 

Black 

i. 

s.a. 

Ni304 

Grey 

i. 

s.a. 

Ni3(P04)2 • 7 H 2 O 

Green 

i. 

s.a. 

Ni2Si()4 

Green 

i. 

d.a. 

NiS04 

Yellow 

39.7(20°) 


NiS 

Black 

3.6 X lO-niS”) 

s.aq.reg. 

NiSOs • 6 H 2 O 

Green 

i. 

s.a. 

NiS203 • 6 IW 


s. 


Ni(CNS)2 


s. 


Cobalt 




Co 

Silvery- 

i. 

s.a. 


p;rey 



CoCi3 


s. 


Co(OH)3 

Black 

i. 

s.a. 

C 02 O 3 

Black 

i. 

s.a. 

CoK3(N02)6 • 1 H 2 O 

Yellow 

sl.s. 

s.a. 

C02(S04)3 

Blue 

dec. 

S.H 2 SO 4 

CO283 

Black 

i. 

d.a. 

CO 3 O 4 

Black 

i. 

s.a. 

Co(C2H302)2 • 4 H 2 O 

Red- 

s. 



violet 



C 03 (As 04)2 * 8 HoO 

Red 

i. 

s.a. 

C03(As03)2 

Red 

i. 

s.a. 

3 CoO • 2 B 2 O 3 • 4 H 2 O 


sl.s. 

s.a. 

CoBr 2 

Green 

66.7(59°) 


C 0 CO 3 

Red 

i. 

s.a. 

Co(C 108)2 • 6 H 2 O 


179(18.5°) 


C 0 CI 2 

Blue 

43.3(0°) 


C 0 CI 2 • 6 H 2 O 

Red 

76.7(0°) 
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Color 

SoLubitity in 
Watery g. per 100 
9^ IW 

General 

Solubility 

Cf)Cr04 

Yellow- 

brown 

i. 

s.a. 

Co(CN)2 • 2 H 2 O 

Buff 

i. 

y.lJCl, KCN 

C(h[Fe(CN) 6 l 2 

Red 

i. 

i.HCl, s.NHs 

Co 2 Fe(CN )6 • 7 lIjO 

Grey- 

grepn 

i. 

s.KCN, i.HCl 

0 

0 

b 

Red 

2 

s.a. 

CoSiFs • C H 2 O 


v.s. 

s.a. 

Co(OH)2 

C()l 2 

Red 

i. 

159(9°) 

i.alk. 

Co(NO ,,)2 • 6 H 2 O 

Red 

99(18°) 


C 0 C 2 O 4 • 2 H 2 O 

Red 

i. 

s.a., NH 3 

CoO 

Brown 

i. 

s.a., Nils 

C0,(P04)2 

Red 

i. 

s.a., NHs 

Co2Si04 


i. 

d.a. 

C 0 SO 4 

Red 

34.5(20°) 


CoS 

Black 

3.8 X 10“'‘(18‘^) 

s.a. 

C 0 SO 3 • 5 H 2 O 

Red 

i. 

S.H 2 SO 3 

CoC 4 ll 40 fi 

CoSaOa • 6 HaO 

2 Co(CNS)2 • HjO 

Red 

sl.s. 

s. 

s. 

s.a. 

Manganese 

Mn 

Grey 

dec. 

s.dil.a. 

Mn(C2H302)2 • 4 H 2 O 

Red 

3(15°) 


Mn3(As04)2 • H 2 O 

Red 

i. 

s.a. 

Mns(AsO ,)2 • 3 H 2 O 

Red 

s. 

s.a. 

MnH4(B03)2 

Red 

7.7 X 10-“(18.5°) 

s.a. 

MnBr 2 

Red 

296.7(0°) 


MnCOs 

Brown 

6.5 X 10-3(25°) 

s.dil.a. 

MnCl 2 

Red 

62.16(10°) 


Mn3[Fe(CN)6l2 


i. 

i.a. 

Mn 2 Fe(CN). • 7 H 2 O 

Greenish- 

white 

i. 

s.HCl 

MnF2 

MnSiFe • 6 H 2 O 

Red 

i., 

140(17.5°) 

s.a. 

Mn( 0 H )2 

White 

1.9 X 10-^ 

s.a. 

Mnis • 4 H 2 O 

Red 

v.s. 


Mn(N03)2 

Red 

166(26°) 


2 MnC204 • 5 H 2 O 


5 X 10-»(15°) 

s.a. 

MnO 

Grey-jireen 

i. 

s.a. 

MnjOs 

Black 

i. 

s.a. 

MnOj 

Black 

i. 

8 .HC 1 
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Color 

Solubiiily in 
Water, g. per 100 
g. H.0 

General 

Solubility 

Mii3(P04)2 • 7 H 2 O 

Red 

sl.s. 

s.a. 

MnSiOa 

Red 

i. 


MnS04 

Red 

()().3(20°) 


MnS 

Orcen or 
]*irik 

3.3 X 10-^ 

s.dil.a. 

MnSOa • 3 H 2 O 

Red 

1 X 

s.a. 

MnC4H406 

Mn(aNS )2 • 3 PI 2 O 

AP 118203 

White 

sl.s. 

v.s. 

v.s. 

s.a. 

Iron 

Fe 

Grey 

i. 

s.a. 

FeCCjHaOj)^ • 4 H 2 O 

Brown 

v.s. 


FeOHCCzHsOj)^ 

Brown 

i. 

s.a. 

Fe(NH4)2(S04)2 • 6 ILO 

Green 

26.9(20°) 

s.HCl 

Fe3(As04)2 • G H 2 O 

Green 

i. 

FeAsCL • 2 IL.O 

White 

i. 

s.liCl 

Fe^AsjOs 

CReen 

i. 

s.a., Nils 

2 FeAsOa • FejOa ■ 5 H:0 

Brown- 

yellow 

sl.s. 

s.a., alk. 

Fe2(B02)6 • 3 IIjO 


i. 

s.a. 

FeBrj 

Red 

116(21°) 


FeBra 

Red 

s. 


FeCOa 

Fe(C10a)3 


i, 

s. 

s.a. 

FeCL 

Green 

70(25°) 


FeCla • 6 H 2 O 

Red-yellow 

246(0°) 


FeaOa • CrOa 

Y ellow 

i. 

s.llCl 

Fea[Fe(CN) 6]2 

Blue 

i. 

i.dil.a. 

Fe 2 Fe(CN)« 

Blue-white 

i. 

S.H2SO.- 

Fe4fFe(CN)6la 

J31ue 

i. 

q 

00 

Green 

sl.s. 

s.a. 

FeFa 

FeSiFe • 6 HjO 

FeaCSiFa)* 

Red 

sl.s. 

s. 

s. 

s.a. 

Fe(0H)2 

Green 

6.7 X 10-^ 

s.a. 

Fe(0H)3 

Red-brown 

i. 

s.a. 

FeU • 4 H 2 O 

Fe(N0a)2 • 6 H 2 O 

Green 

v.s. 

300(25°) 


Fe(N03)3 • 9 H 2 O 

Pale violet 

v.s. 


FeC204-2H20 

Yellow 

2,2 X 10-*(15®) 

s.a. 

Fe2(C204)3 • 6 HaO 

Brownish- 

yellow 

s. 
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Water ^ g. per 100 
g. H,0 

General 

Solubility 

leO 

Black 

i. 

s.a. 


Red 

i. 

s.HCl 

Fe3(P04)2 


i. 

s.a. 

FeP04 • 4 H 2 O 

Yellow 

7 X 10-2(100°) 

s.a. 

Fe2Si04 

Fe^SisOg • 5 H 2 O 

FeS 04 • 7 II 2 O 

Green 

48(20°) 

d.HCl 

d.HCl 

Fe2(S04)3 

FeS 

Black 

sl.s. 

3 X 10-7 


Fe2S3 

Yellow- 

3 X 10-7 

d.a. 

2 FeSOa • 5 H 2 O 

green 

sl.s. 

s.a. 

Fe2(C4H406)3 • H 2 O 

Reddish- 

s. 


FeC4H406 

brown 

8.8 X 10-^10°) 

s.a. 

Fe(CNS )2 • 3 H 2 O 

Green 

v.s. 


Fe(CNS )3 • 3 H 2 O 

Red 

v.s. 


Aluminum 

A1 

Silveiy 

i. 

s.HCl, H 2 SO 4 , 

AKCjHsOz), 

White 

s. 

alk. 

AlAsO^ 

White 

i. 

sl.s.a. 

AlAsOa 

White 

i. 

s.a. 

AlBr, 

White 

s. 


AUCIO,), • 6 H,0 

White 

v.s. 


AICI 3 

White 

70(15°) 


AlCl, • 6 H 2 O 

White 

40 


AL,[Fe(CN).], ■ 17 HjO 
AlFs 

White 

sl.s. 

i. 

i.a. 

AliFe • 17 H 2 O 

White 

10 ( 11 °) 


Al 2 (SiF ,)3 

AKOH), 

White 

v.s. 

i. 

s.a., alk. 

All, ■ 6 H 2 O 

White 

v.s. 

Al(NO,), ■ 9 H 2 O 

White 

V.S. 


AlsCCaO,), • HjO 

White 

i. 

s.a. 

AI 2 O 3 

White 

i. 

s.HCl, H2SO4, 

AI 2 O 3 • H 2 O 

White 

i. 

alk. 

i.a., alk. 

AlPO, 

White 

i. 

s.a., alk. 

AUCSO,), 

White 

36.2(20°) 

Al 2 (S 04)3 • 18 H 2 O 

White 

107.4(20°) 


AI2S3 

Yellow 

dec. 

s.a. 






TABLE OF INORGANIC COMPOUNDS 


375 


Formula 
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Solubility in 
Water, g. per 100 
g. H,0 

General 

Solubility 

Chromium 

Cr 

Grey 

i. 

s.IlCl, H 2 SO 4 , 

Cr2(C2H302)6 • 2 H 2 O 

CrAsOa 

Green 

s. 

s. 


CrBr, 

Green 

i. 


CrBr, • 6 HjO 

Green 

> 200(15°) 


CrCOa 

CrCL 

Greyish- 

blue 

sl.s. 

v.s. 

s.a. 

CrCL 

Pink 

i. 

i.a. 

CrCla • 6 H 2 O 

Violet or 
Green 

v.s. 


CrOz or (CrjOa • CrOs) 
Cr 2 [Fe(CN) 6]3 • 20 H/) 

(irey 

i. 

s.a. 

CrFs 

Green 

sl.s. 

s.h.HCl 

CrFa 

Green 

s. 


Cr(OH )2 

Yellow- 

brown 

dec. 

s.a. 

Cr(OH)3 

CrL 

Crl, • 9 H 2 O 

Green 

v.s. 

s. 

s.a., alk. 

Cr(N03), • 9 H 2 O 

Purple 

s. 


CrCsOi • H 2 O 

Yellow 

s.hot water 


CrO 

Black 

i. 

s.HCl 

CrO, 

Red 

167(20°) 


Cr,(P04)2 

Green 

i. 

s.a. 

Cr2(P04)2 • 6 H 2 O 

Green 

sl.s. 

s.a., alk. 

CrS 04 • 7 ILO 

Blue 

12.35 


Cr2(S04)3 • 18 H 2 O 

Violet 

120(20°) 


CrS 

Black 

i. 

s.a. 

CtSz 

Cr(CNS )2 

Brown- 

black 

dec. 

v.s. 

S.HNO 3 

Zinc 

Zn 

Silvery 

i. 

s.a., alk. 

Zn ( 0211302)2 

White 

30(25°) 


Zns(As04)2 • 8 H 2 O 

White 

i. 

S.HNO 3 

ZnBr2 

White 

470(25°) 


ZnCOs 

White 

1 X 10-='(15°) 

s.a., alk. 

Zn(C103)2 * 6 H 2 O 

White 

265(18°) 


ZnCl2 

White 

368(20°) 


ZnCrOd 

Yellow 

i. 

s.a. 





376 


APPENDIX 


Formula 

Color 

Solubility in 
Water, g. per 100 
g. Hi) 

General 

Solubility 

Zii(CN)2 

White 

i. 

s.alk., KCN 

Zn2Fe(CN)6 • 3 H^O 

White 

i. 

i.IiCl, s.NHa 

ZnFo • 4 H 2 O 

White 

1.6(18°) 

s.a., alk. 

ZnSiP^e • 6 H 2 O 

Zn(OH )2 

White 

v.s. 

1.3 X 10--* 

s,a., alk. 

Znl2 

White 

432(18°) 


Zn(N 03)2 

White 

115(18°) 


Zn(N()2)2 • 3 H 2 O 

ZnCsOi • 2 H 2 O 

White 

V.S. 

7.9 X 10-4(18°) 

s.a., alk. 

ZnO 

White 

4 X 10-4 

s.a., alk. 

Zn3(P04)2 

White 

i. 

s.a. 

ZnSiOa 

White 

i. 


ZnS04 

White 

57(20°) 


ZnS 

Wiiite 

3.3 X 10-9 

s.a. 

ZnSOa • 2 H 2 O 

White 

1.6 X 10-1 

s.a. 

Z 11 C 4 H 4 O 6 • H 2 O 

White 

sl.s. 

s.a. 

Zn(CNS )2 

White 

8. 


ZnS208 • a: H 2 O 

White 

V.S. 


Barium 

Ba 

Yellow 

dec. 

s.a. 

Ba(CjH302)2 • HjO 

White 

69.2(17.5°) 


Ba8(As04)2 

White 

5.5 X 10-^16°) 

s.a. 

Ba(As02)2 

White 

s. 

s.a. 

Ba(B02)2 

White 

sl.s. 

s.a. 

BaBr2 

White 

104(20°) 


BaCO, 

White 

2 X 10“'^ 

s.HCi, HNOa 

Ba(Cl03)2 • H 2 O 

White 

42(20°) 

BaCIs • 2 H 2 O 

White 

42(20°) 


BaCr 04 

Yellow 

3.5 X 10-" 

s.HCl, HNOa 

Ba(CN )2 

White 

80(14°) 

Ba,fFe(CN)6l3 • 20 HjO 
Ba2Fe(CN)6 • 6 H^O 

Yellow 

8 . 

10-1(15°) 


BaF2 

White 

1.6 X 10-1(18°) 


BaSiFfi 


,3.0 X 10-2(21°) 

sLs.HCl 

Ba(OH)3 • 8 H 2 O 

White 

8.1(20°) 


Bal2 

White 

208(19.5°) 


Ba(N03)2 

White 

10.3(25°) 


Ba(N02)2 • H 2 O 

White 

79.5(20°) 


BaC204 • H 2 O 

White 

9.3 X 10-®(18°) 


BaO 

White 

3.5(20°) 


Ba02 

White 

i. 

s.a. 

BaOj • 8 H 2 O 

White 

1.7 X 10-1(15°) 
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Formula 

Color 

Solubility in 
Water, g. per 100 
g. // 2 O 

General 

Solubility 

Ba3(P04)2 

White 

4.9 X 10-*‘ 

s.a. 

BaSiOa 

White 

i. 

s.a. 

BaS 04 

White 

2.4 X 10-“ 

i.a. 

BaS 

Yellow- 

dec. 

s.a. 

BaSOa 

green 

White 

2.0 X 10-^20°) 

s.HCl 

BaC4ll406 • H 2 O 

White 

2.6 X 10-2(18°) 

s.a. 

Ba(CNS )2 • 2 H 2 O 

White 

v.s. 


p 

w 

0 

0 

White 

< 5 X 10-2 

d.a. 

Strontium 

Sr 

Silvery 

dec. 

s.a. 

Sr8(As04)2 

White 

i. 

s.a. 

Sr3(As03)2 

White 

s. 


Sr(B02)2 • 5 H 2 O 

White 

2.3 X 10-H10°) 

s.a. 

SrBr2 

White 

99(20°) 


SrCOa 

White 

1.0 X 10 

s.a. 

Sr(C103)2 • 5 H 2 O 

White 

234(18°) 


SrCl2 

White 

53.9(20°) 


SrCr 04 

Yellow 

1.2 X 10-^15°) 

s.a. 

Sr(CN )2 • 4 H 2 O 

White 

v.s. 


Sr2Fe(CN)6 • 15 H 2 O 

Yellow 

50 


SrF2 

White 

1.2 X 10-2 

s.HCl 

SrSiFe • 2 H 2 O 


3.2(15°) 

s.PlCl 

Sr(OH )2 • 8 H 2 O 

White 

1.74(20°) 

s.a. 

Srl2 

White 

179(20°) 


Sr(N08)2 

White 

79.3(25°) 


Sr(N02)2 • H 2 O 

White 

75.5(20°) 


SrC204 • H 2 O 

White 

6.6 X 10-3 

s.a. 

SrO 

White 

6.8 X 10-^20°) 

s.a. 

Sr02 

White 

8 X 10-3(20°) 

s.a. 

Sr8(P04)2 

White 

i. 

s.HCl 

SrSiOa • H 2 O 

White 

s. 


SrS04 

White 

1.1 X 10-2 


SrS 

Light grey 

dec. 

s.a. 

SfSOb 

White 

3.3 X 10-3(16°) 

s.a. 

SrC 4 H 40 fl • 4 H 2 O 

White 

1.1 X 10-H0°) 

s.a. 

Sr(CNS )2 • 3 H 2 O 
SrS20a • 5 H 2 O 

White 

V.8. 

30(20°) 


Calcium. 

Ca 

Silvery 

dec. 

6.a. 

Ca(CjH,0,)j • 2 H,0 

White 

34.7(20°) 


Ca8(As04)2 * 3 H 2 O 

White 

i. 

s.a. 
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Formula 

Color 

Solubility in 
Water, g. per 100 
g. H,() 

Ceneral 

Solubility 

CalAsOi)': 

White 

sl.s. 

s.a. 

Ca(B02)2 • 6 H 2 O 

White 

2 X 10-1 

s.a. 

CaBra 

White 

143(20°) 


CaCOs 

White 

1.3 X 10-^ 

s.a. 

Ca(C103)2 

White 

178(18°) 


CaCl, 

White 

74(20°) 


CaCr 04 

Yellow 

2.3(18°) 

s.a. 

Ca(CN )2 

White 

s. 


Ca3[Fe(CN)6]2 • 12 H 2 O 

Red 

v.s. 


Ca2Fe(CN)6 • 12 H 2 O 

Yellow 

150(90°) 


CaF2 

White 

1.6 X 10-3 

sl.s.a. 

CaSiFfi ■ 2 H 2 O 


sl.s. 

s.HCl 

Ca(On)2 

White 

1.7 X 10-1(20°) 

s.a. 

Calo 

White 

204(20°) 


Ca(N03)2 

White 

130(20°) 


Ca(N02)2 • H 2 O 

White 

73(18.5°) 


CaC204 

White 

8.0 X 10' ^ 

s.a. 

CaO 

White 

1.3 X 10-1(20°) 

s.a. 

Ca3(P04)2 

White 

2 X 10'^ 

s.a. 

CaSiOa 

White 

1 X 10-3(20°) 

s.HCl 

CaS04 

White 

2.1 X 10-1 

s.a. 

CaS 

White 

2 X 10-1 

s.a. 

CaSOs • 2 H 2 O 

White 

4.3 X 10-3(18°) 

s.a. 

CaC4ll406 • 4 H 2 O 

White 

1.6 X 10-2(15°) 


Ca(CNS )2 • 3 H 2 O 

White 

v.s. 


CaSsOa • 6 H 2 O 

White 

90(25°) 


M agnesium 




Mg 

Silvery 

i. 

s.a. 

Mg(C2H302)2 • 4 H 2 O 

White 

v.s. 


Mg3(As04)2 

White 

i. 

s.a. 

Mg3(As03)2 

White 

i. 

s.a. 

Mg(B02)2 • 8 H 2 O 

White 

i. 

s.a. 

MgBr2 • (> H 2 O 

White 

357(20°) 


MgCOa 

White 

9.7 X 10-2 

s.a. 

Mg(C103)2 


128.1(19°) 


MgCr 04 • 7 H 2 O 

Yellow 

73(18°) 


Mgs[Fe(CN) 6]2 


s. 


Mg2Fe(CN)6 • 6 H 2 O 

Yellow 

33(15°) 


MgFj 

White 

8.7 X 10-3(18°) 

S.HNO 3 

MgSiFe • 6 H 2 O 


6.4 X 10-2(17.5°) 


Mg(OH)2 

White 

9 X lO--* 

s.a. 

Mgl2 

White 

280 
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Formula 


Mg(N03)2 • 0 ILO 
Mg(N02)2 • 2 H 2 O 
MgC 204 • 2 II 2 O 
MgO 

Mg3(P04)2 

MgNH4P04 

MgSiOs 

MgS04 

MgS 

MgSOa • () H 2 O 
MgCiH406 • 4 H 2 O 
Mg(CNS)2 • 4 H 2 O 

Mg 8203 • 6 II 2 O 

Sodmrn 

Na 

NaC2H302 
NaaAsOi • 12 H 2 O 
Na2MA804 • 12 H 2 O 
Na2HAs03 

NaB02 

Na2lL07 

Na2B407 • 10 H 2 O 

Na2C()3 

NaHCOa 

NaClOs 

NaCl 

Na2Cr04 

NaCN 

Na3Fe(CN)6 • H 2 O 

Na4Fe(CN)6 • 12 H 2 O 

NaF 

Na2SiI 6 

NaOH 

Nal 

NaNOs 

NaN02 

Na2C204 

Na 3 P 04 • 12 H 2 O 

Na 2 HP 04 • 12 H 2 O 

NaH2P04 • 2 H 2 O 

Na2S04 

Na2S 

NaaSOa 


Solubility in 

Color Water^ g. per 100 

g. H,() 


General 

Solubility 


White 

120(18°) 

v.s. 


White 

7 X 10-H16°) 

s.a. 

White 

5.8 X 10-'(18°) 

s.a. 

White 

2 X 10” 2 


White 

8.0 X 10-“' 

s.a. 

White 

i. 

d.HCl 

White 

30.2(20°) 



dec. 

s.a. 

White 

1.2505°) 

s.a. 

White 

8 X 10 '(10°) 


White 

V.S. 


White 

v.s. 


Silvery 

dec. 


White 

124(20°) 


White 

26.7(17°) 


White 

56(14°) 


White 

V.S. 


Wliite 

s. 


White 

4.1(20°) 


White 

7.9(20°) 


White 

21.4(20°) 


White 

9.0(20°) 


White 

99(20°) 


White 

36(20°) 


Yellow 

82(20°) 


White 

s. 


Red 

19(15°) 


Yellow 

22(1.5.5°) 


White 

4(1.5°) 


White 

6.5 X 10-‘(17..5°) 


White 

109(20°) 


White 

179(20°) 


White 

87.5(20°) 


Yellow 

84(20°) 


White 

3.2(15.5°) 


White 

28.3(15°) 


White 

11.8(17°) 


White 

84.6(18°) 


White 

19.5(20°) 


White 

18(18°) 


Wliite 

25.8(20°\ 
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Formula 


Solubility in 

Color Water, g. per 100 
g. H,0 


General 

SolubiiUy 


Na2C4H406 • 2 II 2 O 

White 

29(0°) 

NaCNS 

White 

v.s. 

Na28203 * 5 H 2 O 

White 

110 ( 20 °) 

Potassium 

K 

Silvery 

dec. 

KC 2 H 3 O 2 

White 

256(20°) 

K 3 ASO 4 

White 

18.9 

K 2 HASO 4 

White 

s. 

KH 2 ASO 4 

White 

28.2(7°) 

KASO 2 

White 

s. 

K2B2()4 

White 

71(30°) 

K 2 B 4 O 7 • 5 H 2 O 

White 

26.7(30°) 

KBr 

White 

64.5(20°) 

K 2 CO 3 

White 

112(20°) 

KCIO 3 

White 

7.4(20°) 

KCl 

White 

34.7(20°) 

K2Cr04 

Yellow 

62.9(20°) 

KCN 

White 

122.2(103.3°) 

K8Fe(CN)6 

Red 

40.8(15.6°) 

K4Fe(CN)e*3H20 

Yellow 

29.2(15°) 

KF 

White 

92.3(18°) 

KzSiFe 

White 

1.2 X 10~H17.5°) s.HCl 

KOH 

White 

112(20°) 

KI 

White 

144(20°) 

KNO 3 

White 

31.2(20°) 

KNO 2 

Yellow 

302(20°) 

K 2 C 2 O 4 • H 2 O 

White 

33(16°) 

K 3 PO 4 

White 

s. 

K 2 HPO 4 

White 

v.s. 

KH 2 PO 4 

White 

25(7°) 

K2Si03 

White 

s. 

K 2 S 04 

White 

10.9(20°) 

KaS 

Yellow 

8. 

K 2 SO 3 • 2 H 2 O 

White 

100 

K 2 C 4 H 4 O 6 • \ H 2 O 

White 

133(20°) 

KHC 4 H 4 O 6 

White 

6.7 X 10-^20°) 

KCNS 

White 

217(20°) 

K 2 S 2 O 8 • 2 H 2 O 

White 

184(20°) 

Ammonium 

TSTH, 

Gas 

89.9(0*) 

NHtCjHjOj 

White 

148(4“) 
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Formula 

Color 

Solvhility in 
Water, g. per 100 
g. HiO 

General 

Soluhidty 

(NH4)2HAs04 

White 

s. 


(NH4)3As04 • 3 H. 4 O 

White 

s. 


NH 4 ASO 2 

White 

v.s. 


(NH4)2B407 • 4 H 2 O 

White 

8.3 


NH 4 Br 

White 

72(16“) 


(NH 4 ) 2 COs • ILO 

White 

100(15“) 


NH 4 C 10 , 

Wliite 

s. 


NILCl 

White 

37.2(20°) 


(NH4)2Cr04 

Yellow 

40.5(30“) 


NH 4 CN 


V.S. 


(NH 4 ),Fe(CN)e • 3 H 2 O 

Red 

v.s. 


(NH4)4Fe(CN)6 • 3 H 2 O 

Yellow 

v.s. 


NH 4 F 

White 

v.s. 


(NH 4 ) 2 SiF 6 

White 

19(17.5°) 


NH 4 I 

White 

167(15°) 


NH4NOa 

White 

183(20°) 


NH 4 NO 2 


v.s. 


(NH4)2C204 • HjO 

White 

4.2(15°) 


(NH 4 ),P 04 • 3 H 2 O 


sl.s. 


(Nn4)2HP04 

White 

131(15°) 


NH 4 H 2 P 04 

White 

190(15°) 


(NH4)2S04 

White 

75.4(20°) 


(NH4)2S03 • H 2 O 

White 

100 ( 12 °) 


(NH4)2C4H40, 

White 

s. 


NH 4 CNS 

White 

162(20°') 


(NH4)2S20, 

White 

v.s. 





LOGARITHMS OF NUMBERS 


Natural 

Numbers 

0 

I 

2 

3 

4 

5 

6 

7 

8 

9 

I 

Pi 

2 

lOP( 

3 

3 KTI 

4 

ONjfl 

5 

llT 

6 

'ARl 

7 

:s 

8 

9 

lO 

0000 

0043 

0086 

0128 

0170 

0212 

0253 

0294 

0334 

0374 

4 

8 

12 

X 7 

21 

25 

29 

33 

37 

II 

0414 

0453 

0492 

053 X 

0569 

0607 

0645 

0682 

0719 

0755 

4 

8 

11 

X 5 

19 

23 

26 

30 

34 

12 

0702 

0828 

0864 

0899 

0934 

oq6q 

1004 

1038 

1072 

iioO 

3 

7 

10 

14 

17 

21 

24 

28 

3 X 

13 

1139 

1x73 

1206 

1239 

i 2 yh 

X303 

X 335 

1367 

1399 

X430 

3 

6 

10 

X 3 

i6| 

X 9 

23 

26 

29 

14 

1461 

1492 

X523 

1553 

|I 584 

1614 

^1644 

1673 

1703 

1732 

3 

6 

9 

12 

X 5 

18 

21 

24 

27 

15 

1761 

1790 

1818 

1847 

1875 

1903 

!r 93 r 

X 959 

1987 

2014 

3 

6 

8 

11 

14 

X 7 

20 

22 

25 

16 

2041 

2068 

2095 

2122 

2148 

2175 

2201 

2227 

2253 

2279 

3 

5 

8 

II 

13 

16 

18 

21 

24 

17 

2304 

2330 

2355 

2380 

2405 

2430 

2455 

2480 

2504 

2520 

2 

5 

7 

10 

12 

X 5 

X 7 

20 

22 

18 

2553 

2577 

2601 

2625 

2648 

2672 

2695 

2718 

2742 

2765 

2 

5 

7 

9 

12 

14 

16 

IQ 

21 

19 

2788 

2810 

2833 

2856 

2878 

2900 

2923 

2945 

2967 

2989 

2 

4 

7 

9 

II 

X 3 

16 

18 

20 

1 

20 

3010 

3032 

3054 

3075 

3096 

3118 

3139 

3160 

3x81 

3201 

2 

1 

4 

6 

8 

II 

13 

IS 

17 

irg 

21 

3222 

3243 

3263 

3284 

3304 

3324 

3345 

3365 

3385 

3404 

2 

4 

6 

8 

10 

12 

T 4 

16 

18 

22 

3424 

3444 

3464 

3483 

3502 

3522 

3541 

3560 

3579 

3508 

2 

4 

6 

8 

10 

12 

14 

15 

17 

23 

3617 

3636 

I36SS 

3674 

3692 

3711 

3729 

3747 

3766 

3784 

2 

4 

6 

7 

9 

11 

13 

15 

17 

24 

3802 

3820 

3838 

3856 

3874 

3892 

3909 

3927 

3945 

3962 

2 

4 

5 

7 

9 

II 

12 

X 4 

16 

2$ 

3979 

3997 

I4014 

403 X 

4048 

406s 

4082 

’4099 

4116 

4133 

2 

3 

5 

7 

9 

10 

12 

X 4 

15 

26 

4150 

4166 

4183 

4200 

4216 

4232 

4249 

4265 

4281 

4298 

2 

3 

5 

7 

8 

10 

II 

13 

15 

27 

4314 

4330 

4346 

4362 

4378 

4393 

4409 

'4425 

4440 

4456 

2 

3 

5 

6 

8 

I 9 

III 

13 

14 

28 

4472 

4487 

4502 

4518 

4533 

4548 

4564 

|4579 

4594 

4609 

2 

3 

Si 

6 

8 


II 

12 

14 

29 

4624 

4039 

4634 

4669 

4683 

4698 

4713 

4728 

4742 

4757 

I 

3 

4 

6 

7 

9 

10 

1 

12 

1 

13 

30 

4771 

4786 

4800 

4814 

4829 

4843! 

4857 

4871 

4886 

4900 

I 

3 

4 

6 

7 

9 

10 

II 

13 

31 

49x4 

4928 

4942 

4955 

4969 

4983 

4997 

5011 

5024 

5038 


3 

4 

6 

7 

8 

10 

II 

12 

32 

5051 

5065 

5079 

5092 

5x05 

5-119 

5x32 

3145' 

5x59 

5x72 


3 i 

4 

5 

7 

8 

9 

II 

12 

33 

5185 

5x98 

5211 

5224 

5237 

5230 

5263 

5276 

5289 

5302 

I 

3 

4 

5 

6 

8 

9 

10 

12 

34 

53x5 

5328 

5340 

5353 

53 <x 6 

5378 

539X 

5403 

5416^ 

5428 

I 

3 

4 

5 

6 

8 

9 

10 

II 

35 

5441 

5453 

'5465 

5478 

5490 

5502 

5514 

5527 

5539 

5551 

I 

2 

4 

5 

6 

7 

9 

10 

II 

36 

5563 

5575 

5587 

5599 

5611 

5623 

5635 

5647 

5658 

5670 

I 

2 

4 

5 

6 

7 

8 

10 

II 

37 

5682 

5694 

5705 

5717 

5729 

5740 

5752 

5763 

5775 

5786 

I 

2 

3 

5 

6 

7 

8 

9 

10 

38 

5798 

5809 

•5821! 

5832 

5843 

585s 

5866 

5877 

5888 

5899 

I 

2 

3 

5 

6 

7 

8 

9 

10 

39 

5911 

5922 

S 933 

5944 

5955 

5966 

5977 

5988 

5999 

6010 

I 

2 

3 

4 

5 

7 

8 

9 

10 

1 

40 

6021 

6031 

6042 

6053 

6064 

6075 

6085 

6096 

6107 

6117 

I 

2 

3 

4 

5 

6 

8 

9 

10 

41 

6128 

6138 

6149 

6160 

6170 

6i8o 

6191 

6201 

6212 

6222 

I 

2 

3 

4 

5 

6 

7 

8 

I 9 

42 

6232 

6243 

6253 ; 

6263 

6274 

6284 

6294 

6304 

6314 

6325 

I 

2 

3 

4 

5 

6 

7 

8 

9 

43 

6335 

6345 

16355 

6365 

6375 

6385 

6395 

6405 

6415 

6425 

I 

2 

3 

4 

5 

6 

7 

8 

9 

44 

<> 435 | 

6444 

6454, 

6464 

6474 

6484 

6493 

6503 

6513 

! 

6522 

I 

2 

3 

4 

5 

6 

7 

8 

9 

45 

(>S 32 

6542 

6SSX 

6561 

657 X 

6580 

6590 

6599 

6609 

6618 

I 

2 

3 

4 

5 

6 

7 

8 

9 

46 

6628 

6637 

6646 

6656 

6665 

6675 

6684 

6693 

6702 

6712 

I 


3 

4 

5 

6 

7 

7 

8 

47 

6721 

67301 

6739 

6749 

6758 

6767 

6770 

6785 

6794 

6803 

I 

2 

3 

4 

5 

5 

6 

7 

8 

48 

6812 

6821 

6830 

6839 

6848 

6857 

6866 

6875 

6884 

6893 

"i 

2 I 

3 

4 

41 

5 

6 

7 i 

8 

49 

6902 

6911 

6920 

6928 

6937 

6946 

6955 

6964 

6972 

6981 

I 

2 

3 

1 

4 

4 

5 

6 

7 

8 

SO 

6990 

6998 

7007 

7016 

7024 

7033 

7042! 

7050 

7059 

7067 

I 

2 

1 

3 

3 

4 

5 

6 

7 

8 

5 ^ 1 

7076 

7084 

7093 

7101 

7110 

7118 

7126 

7X35 

7x43 

7x52 

I ‘ 

I 

2 

3 

3 

4 

5 

6 

7 

8 

52 

7160 

7168 

7x77 

7x85 

7193 

7202 

72x0 

7218 

7226 

723s 

^1 

2 

2 

3 

4 

5 i 

6 

7 

7 

S 3 

7243 

7251 

7259 

7267 

7275 

7284 

7292 

7300 

7308 

7316 

I 

2 

2 

3 

4 

5 

6 

6 

7 

54 

l 7324<7332 

7340 

7348 

7356 

7364 

7372 

7380 

7388 

7396 

I 

2 

2 

3' 

4 

5 

6 

6 

7 
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LOGARITHMS OF NUMBERS 


56789 


Proportional Parts 


234156 789 


55 7404 7412 7419 7427 7435 7443 7451 7459 7466 7474 122345567 

56 7482 7490 7497 7505 7513 7520 7528 7536 7543 7551 122345567 

57 7559 7566 7574 75^2 7589 7597 7604 7612 7619 7627 122345567 

58 7634 7642 7649 7657 7664 7672 7679 7686 7694 7701 I 12344567 

59 7709 7716 7723 7731 7738 7745 7752 7760 7767 7774 112344567 

60 7782 7789 7796 7803 7810 7818 7825 7832 7839 7846 112344566 

61 7853 7860 7868 7875 7882 7889 7896 7903 7910 7917 112344566 

62 7924 7931 7938 7945 7952 7959 7966 7973 7980 7987 112334566 

63 79938000800780148021 80288035804180488055 112334556 

64 8062806980758082808980968102810981168122 112334556 

65 8129 8136 8142 8149 8156 8162 8169 8176 8182 8189 112334556 

66 8195820282098215822282288235824182488254 112334556 

67 8261 8267 8274 8280 8287 8293 8299 8306 8312 8319 112334556 

68 8325 8331 8338 8344 8351 8357 8363 8370 8376 8382 112334456 

69 8388 8395 8401 8407 8414 8420 8426 8432 8439 8445 112234456 


70 8451 8457 8463 8470 8476 8482 8488 8494 8500 8506 I 

71 8513 8519 8525 8531 8537 8543 8549 8555 8561 8567 1 

72 8573 8579 8585 8591 8597 8603 8609 8615 8621 8627 r 

73 8633 8639 8645 8651 8657 8663 8669 8675 8681 8686 I 

74 8692 8698 8704 8710 8716 8722 8727 8733 8739 8745 I 

75 8751 8756 8762 8768 8774 8779 8785 8791 8797 8802 1 

76 8808 8814 8820 8825 8831 8837 8842 8848 8854 8859 I 

77 8865 8871 8876 8882 8887 8893 8899 ^910 S915 I 

78 8q2i 8927 8932 8938 8943 8949 8954 8960 8965 8971 I 

79 8976 8982 8987 8993 8998 9004 9009 9015 9020 9026 I 

80 9031 9036 9042 9047 9053 9058 9063 9069 9074 9079 I 

81 9085909090969101910691129117912291289133 I 

82 9138914391499154915991^^59170917591809186 I 

83 9191919692019206921292179222922792329238 I 

84 9243924892539258926392699274927992849289 I 

8s 9294 9299 9304 9309 9315 9320 9325 9330 9335 9340 I 

86 93459350935593^9365 93709375938093859390 I 

87 9395 9400 9405 9410 9415 9420 9425 9430 9435 944© o 

88 9445 9450 9455 9460 9465 9469 9474 9479 9484 9489 o 

89 9494 9499 9504 9509 9513 9518 9523 9528 9533 9538 o 

90 9542 9547 9552 9557 9562 9566 9571 9576 9581 9586 o 

91 9590 9595 9600 9605 9609 9614 9619 9624 9628 9633 o 

92 9638 9643 9647 9652 9657 9661 9666 9671 9675 96^ o 

93 9685 9689 9694 9699 9703 9708 9713 9717 9722 9727 o 

94 9731 9736 9741 9745 9750 9754 9759 9763 9768 9773 o 

95 97779782978697919795 98009805980998149818 o 

96 9823 9827 9832 9836 9841 9845 9850 9854 9859 9863 o 

97 9868 9872 9877 9881 9886 9890 9894 9899 990^ 9908 o 

98 9912 9917 9921 9926 9930 9934 9939 9943 9948 9952 o 

99 9956 9961 9965 9969 9974 9978 9983 99B7 QQ 9 I 9906 o 


12234456 
12234455 
1 2 2 3 4 4 5 5 

1 2 2 3 4 4 5 5 

12234455 

12233455 
1 2 2 3 3 4 5 5 

12233445 

12233445 

I 2 2 3 3 4 4 5 

12233445 

1223344s 

12233445 

1223344s 

12233445 

12233445 

1223344s 

11223344 

I I 2 2 3 3 4 4 

11223344 

11223344 

11223344 

11223344 

11223344 

I I 2 2 3 3 4 4 

11223344 
I I 2. 2 3 3 4 4 

11223344 
11223344 
I I 2 2 3 3 4 
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Proportional Parts 


Loga 

RITH 

0 

I 

2 

3 

4 

5 

6 

7 

9 

I 

2 

3 

4 

5 

6 

7 

8 

9 

•50 

3162 

3170 

3177 

3184 

3192 

3199 

3206 

3214 

3221 

3228 

I 

I 

2 

3 

4 

4 

S 

6 

7 

•SI 

3236 

3243 

3251 

3258 

3266 

3273 

3281 

3289 

3296 

3304 

I 

2 

2 

3 

4 

5 

5 

6 

7 

•52 

3311 

3319 

3327 

3334 

3342 

3350 

3357 

3365 

3373 

3381 

I 

2 

2 

3 

4 

5 

5 

6 

7 

•53 

3388 

3396 

3404 

3412 

3420 

3428 

3436 

3443 

3451 

3459 

I 

2 

2 

3 

4 

S 

6 

6 

7 

•54 

3467 

3475 

3483 

3491 

3499 

3508 

35*6 

3524 

3532 

3540 

I 

2 

2 

3 

4 

5 

6 

6 

7 

•55 

3548 

3556 

3565 

3573 

3381 

3589 

3597 

3606 

3614 

3622 

I 

2 

2 

3 

4 

5 

6 

7 

7 

•56 

3631 

3639 

3648 

3656 

3664 

3673 

3681 

3690 

3698 

3707 

I 

2 

3 

3 

4 

S 

6 

7 

8 

•57 

3715 

3724 

3733 

3741 

3750 

37 S 8 

3767 

3776 

3784 

3703 

I 

2 

3 

3 

4 

5 

6 

7 

8 

•S8 

3802 

3811 

3819 

3828 

3837 

3846 

3855 

3864 

3873 

3882 

I 

2 

3 

4 

4 

5 

6 

7 

8 

•59 

3890 

3899 

3908 

3917 

3926 

3936 

3945 

3954 

39 f >3 

3972 

I 

2 

3 

4 

5 

5 

6 

7 

8 

.60 

3981 

3990 

3999 

4009 

4018 

4027 

4036 

4046 

4055 

4064 

I 

2 

3 

4 

5 

6 

6 

7 

8 

.61 

4074 

4083 

4093 

4102 

4111 

4121 

4130 

4140 

4150 

4150 

I 

2 

3 

4 

5 

6 

7 

8 

9 

.62 

4169 

4178 

4188 

4198 

4207 

4217 

4227 

4236 

4246 

425 t> 

I 

2 

3 

4 

5 

6 

7 

8 

9 

•63 

4266 

4276 

4285 

4295 

4305 

4315 

4325 

4335 

4345 

4355 

I 

2 

3 

4 

5 

6 

7 

8 

9 

.64 

4365 

4375 

438s 

4395 

4406 

4416 

4426 

4436 

4446 

4457 

I 

2 

3 

4 

5 

6 

7 

8 

9 

-65 

4467 

4477 

4487 

4498 

4508 

4519 

4529 

4539 

4550 

4560 

I 

2 

3 

4 

5 

6 

7 

8 

9 

.66 

4571 

4.‘;8i 

4592 

4603 

4613 

4624 

4634 

4645 

4656 

4667 

I 

2 

3 

4 

5 

6 

7 

9 

10 

.67 

4677 

4688 

4699 

4710 

4721 

4732 

4742 

4753 

4764 

4775 

I 

2 

3 

4 

5 

7 


9 

10 

.68 

4786 

4797 

4808 

4819 

4831 

4842 

4853 

4864 

487s 

4887 

I 

2 

3 

4 

6 

7 

8 

9 

10 

.69 

4898 

4909 

4920 

4932 

4943 

4955 

4966 

4977 

4989 

5000 

I 

2 

3 

5 

6 

7 

8 

9 

10 

.70 

5012 

5023 

503s 

5047 

5058 

5070 

5082 

1 ^ 

5105 

5117 

I 

2 

4 

5 

6 

7 

8 

9 

II 

•71 

5129 

5140 

5152 

5164 

5176 

5188 

5200 

5212 

5224 

5236 

I 

2 

4 

5 

6 

7 

8 

10 

II 

•72 

5248 

5260 

5272 

5284 

5297 

5309 

5321 

5333 

3346 

3358 

I 

2 

4 

5 

6 

7 

9 

10 

II 

•73 

5370 

5383 

5395 

5408 

5420 

5433 

5445 

5458 

5470 

54831 

I 

3 

4 

5 

6 

8 

9 

10 

II 

•74 

5495 

3508 

5521 

5534; 

5546 

5559 

5572 

5585 

5598 

56101 

I 

3 

4 

5 

6 

8 

9 

10 

12 

•75 

5623 

‘5636 

5649 

5662 

5675 

5689 

5702 

5715 

5728 

3741; 

I 

3 

4 

5 

7 

8 

9 

10 

12 

.76 

5754 

>5768 

5781 

5794 ; 

5808 

5821 

5834 

5848 

5861 

5875 

I 

3 

4 

5 

7 

8 

9 

ri 

12 

•77 

5888 

5902 

5916 

5929 

5943 

5957! 

5970 

5984 

mSji 

6012 

I 

3 

4 

5 

7 

8 

10 

II 

12 

.78 

6026 

6039 

6053 

6067 

6081 

6095I 

6109 

6124 

6138 

6152 

I 

3 

4 

6 

7 

8 

10 

11 

13 

•79 

6166 

61^ 

6194 

6209 

6223 

6237 

6252 

6266 

6281 

629s 

I 

3 

4 

6 

7 

9 

10 

11 

13 

.80 

6310 

6324 

6339 

6353 

6368 

6383 

6397 

6412 

6427 

6442 

I 

3 

4 

6 

7 

9 

10 

12 

13 

.81 

6457 

6471 

6486 

l6soi| 

6516 

6531 

6546 

6561 

6577 

6392 

2 

3 

5 

6 

8 

9 

II 

12 

14 

.82 

6607 

6622 

[6637 

! 6653 | 

6668 

6683 

6699 

6714 

6730 

6743 

2 

3 

5 

6 

8 

9 

II 

12 

14 

.83 

6761 

6776 

6792 

68o8j 

6823 

6839 

6855 

6871 

6887 

6902 

2 

3 

5 

6 

8 

9 

II 

13 

14 

.84 

6918 

6934 

6950 

6966 

6982 

6998 

7025 

7031 

7047 

7063 

2 

3 

5 

6 

8 

10 

II 

13 

IS 

•85 

7079 

7096 

7112 

7129 

714s 

7161 

7178 

7194 

7211 

7228 

2 

3 

5 

7 

8 

10 

12 

13 

IS 

.86 

7244 

7261 

7278 

7295 

7311 

7328; 

7345 

7362 

7379 

739 ‘> 

2 

3 

5 

7 

8 

10 

12 

13 

IS 

•87 

7413 

7430 

7447 

7464 

7482 

7499 

7516 

7534 

7551 

7568 

2 

3 

5 

7 

9 

10 

12 

14 

16 

.88 

7586 

7603 

7621 

7638 

7656 

7674; 

7691 

7709 

7727 

7745 

2 

4 

5 

7 

9 

II 

12 

14 

16 

.89 

7762^ 

7780 

7798 

7816 

7834 

7852 

7870 

7889 

7907 


2 

4 

5 

7 

9 

II 

13 

14 

16 

.90 

7943 

7962 

7980 

7998 

8017 

8035 

8054 

8072 

8091 

8no 

2 

4 

6 

7 

9 

II 

13 

IS 

17 

.91 

8128 

8147 

8166 

8185 

8204 

8222 

8241 

8260 

8279 

8299 

2 

4 

6 

8 

9 

II 

13 

15 

17 

•02 

8318 

8337 

8356 

8375 

8395 

8414 

8433 

8453 

8472 

8492 

2 

4 

6 

8 

10 

12 

14 

15 

17 

•93 

8511 

8531! 

8354 

8570 

8590 

8610 

8630 

8650 

8670 

8690 

2 

4 

6 

8 

10 

12 

14 

16 

18 

•94 

8710 

87301 

87501 

8770 

8790 

8810 

8831 

8851 

8872 

8892 

2 

4 

6 

8 

10 

12 

14 

16 

18 

•95 

8913 

8933 

8954 

8974 

8995 

9016 

9036 

9057 

9078 

9099 

2 

4 

6 

8 

10 

12 

15 

17 

19 

•96 

9120 

9141 

9162 

9183 

9204 

9226 

9247 

9268 

9290 

9311 

2 

4 

6 

8 

11 

13 

IS 

17 

19 

•97 1 

9333 

9354 

9376 

9397 

9419 

9441 

9462 

9484 

9506 

9528 

2 

4 

7 

9 

II 

13 

15 

17 

20 

.98 

9 S 5 <^ 

9572 

9 S 94 

9616 

9638 

9661 

9683 

9705 

9727 

9750 

2 

4 

7 

9 

II 

13 

16 

18 

20 

•99 

9772 

9795 

9817 

9840 

9863 

9886 

9908 


9954 

9977 

2 

5 

7 

9 

II 

14 

16 

rS 

20 
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INDEX 


Acetate ion, detection, 331 
preliminary experiments, 299 
reactions of, 203 

Acids, and bases, Bronsted theory, 22 
list of w(‘ak, 61 
polybasic, ionization of, 62 
Activity, 56 
coefficient, 56 
table of, 57 

Alloys, analysis of, 290 
Aluminum ion, detection, 274 
preliminary experiments, 247 
reactions of, 152 
solution of hydroxide, 153 
Ammonia, eejuilibrium, 183 
Ammonium ion, deteedion, 287 
preliminary experiments, 251 
reactions of, 183 
Ampholytes, 148, 153, 172 
Analysis, complete, 344 
for anions, 314 
for metal ions, 252 
of metals and alloys, 290 
of simple substance, 299 
qualitative, defined, 1 
semimicro, 221 
quantitative, 1 
report of complete, 332 
Anions, classificjation of, 185 
Group I, sulphate group, 186 
detection, 311, 314 
preliminary experiments, 293 
reactions of, 186 
Group II, chloride group, 195 
detection, 312, 322 
preliminary experiments, 296 
reactions of, 195 
Group III, nitrate group, 199 
detection, 328 

preliminary experiments, 298 
reactions of, 199 
interfering, 333, 336 
removal of, 335 
oxidizing, detection of, 310 
reducing, detection of, 311 
Anions, systematic detection of, 307 
volatile acids of, 308 


Antimony, detection, 268 
I)r(‘liminary experiments, 245 
redactions of, 147 
Apparatus, semimicro, 225 
Aqua regia, 135 

solution of HgS in, 96 
Arrhenius theory, 40 
Arsenal,ion, detection, 267, 315 
in Group 2 centrifugate, 270 
prelimirnirv (experiments, 243, 245 
r(‘actions of, 145, 191 
Arsemious acid, 142 
Arsenite ion, deU^ction, 267, 315 
preliminary experiments, 243 
reactions of, 142, 191 
Assignment sch(^dule, 350 
Atomic structure, 5 

Balance, 222 

Balancing ecjuations, ionic, 31 
ion-electron method, 34 
valence-change method, 33 
Barium ion, detection, 282 
precipitation of the chromate, 175 
preliminary experiments, 249 
reactions of, 173 

sulphate transposition to carbon¬ 
ate, 175 

Bismuth ion, detection, 264 
preliminary experiments, 244 
reactions of, 138 
Borate ion, detection, 317 
preliminary experiments, 295 
reactions of, 191 
Bromide ion, detection, 325 
preliminary experiments, 296, 297 
reactions of, 196 
Buffered solutions. 111 
problems, 113 

Cadmium ion, detection, 264 
preliminary experiments, 244 
reactions of, 141 
Calcium ion, detection, 283 
oxalate, solution of, 179 
preliminary experiments, 249 
reactions of, 178 


387 



388 


INDEX . 


Calculations, 205; also see problems 
Calibration of pipettes, 227 
Capillary pipettes, calibration of, 227 
cleaning of, 227 
making of, 224 

Carbonate ion, action of acids, ex¬ 
planation of, 186 
detection, 293, 319 
preliminary experiments, 293 
reactions of, 186 
Cell, calculation of E.M.F., 103 
concentration, 103 
Daniell, 103 
Centrifuge, 233 
Checking in, 347 
out, 349 

Clielated compounds, 22 
C'hlorate ion, detection, 328 
preliminary experiments, 299 
reactions of, 202 
Chloride ion, detection, 325 
preliminary experiments, 296, 297 
reactions of, 195 
Chromate ion, detection, 314 
equilibrium with Cr 207 ”, 175 
preliminary experiments, 296 
reactions of, 193 
reduction of, 194 
Chromium ion, detection, 275 
oxidation to Cr 04 ”, 157 
preliminary experiments, 247 
reactions of, 156 
Classification of anions, 185 
of metal ions, 127 
Cleaning glassware, 224 
porcelain, 224 
Cobalt ion, detection, 275 
preliminary experiments, 248 
reactions of, 167 
Colloidal state, 120 
Colloids, precipitation of, 123 
Common ion effect, 64 
Complex ions, 83 
calculations, 89 
constants, 88 

experimental determination of, 
88 

cyanide, 86 

Complex salts, naming of, 19 
Conductance, 42 
Coordinate valence, 11 
Coordinated compounds, explana¬ 
tion of, 20 


Coordination theory, 15 
Copper ion; detection, 264 
preliminary experiments, 244 
reactions, 139 

Dative valence, 11 
Debye-Hlickel, 47 
Dichromate, see chromate 
Dieleciri(5 constants, 15, 28 
Dipole and dipole moments, 13 
Distribution, law of, 151 
Drop, volume of, 241 

Electrolytes, weak, 42 
conductance of, 42 
ionization values of, 48 
Electronic structure, 6 
Eleiitrovalence, 7 
PIM.F., calculation of, 103 
Equations, balancing, 31 
Equilibrium, chemical, 54 

constant for redox reactions, 104 
physical, 49 
P^quipment, desk, 354 
Equivalents, 206 
of oxidants, 217 
reductants, 218 
P^aporations, 231 

Ferric ion, detection, 274 
preliminary experiments, 248 
reactions of, 160 
reduction of, 163 
P^rrous ion, detection, 159 
oxidation of, 160 
preliminary experiments, 247 
reactions of, 158 
Pluoride ion, detection, 317 
preliminary experiments, 296 
reactions of, 192 
Fractional pre^cipitation, 79 

Heating solutions, 230 
Hydrated ions, 21 
Hydrates, 19 

Hydrogen electrode, molar, 100 
Hydrogen ion concentration, see 
Oxonium ion 

Hydrogen sulphide, calculation of S“ 
concentration, 65 
generator, 361 
ionization of, 62 



INDEX 


389 


Hydrolysis, degree of, 116 
of salts, 113 

of salts of poly basic acids, 116 
problems, 119 

Indicators, 110 

Interferences, in metal analysis, 259, 
333 

removal of, 335 
Iodide ion, detection, 324 
preliminary experiments, 296, 297 
rea(‘tions of, 197 
Ionic strength, 57 
Ionization constants, 59 
table of, 61 

Ionization, theory of, 40, 47 
and chemical equilibrium, 55 
and (jornmori ion effect, 64 
and conductance, 45 
extent of, weak electrolytes, 42 
experimental determination of, 
45 

of polybasic acids, 62 
problems, 66 
salt effect on, 59, 64, 68 
table of, 48 

Ion product of water, 107 
Ions, hydrated, 21 
complex, 83 

Iron, see Ferrous and Ferric 

Known solutions, preparation of, 
361 

Kohlrausch’s law, 45 
Labeling, 228 

Laboratory work, general directions 
for, 240 

recording notes, 353 
Lead ion, detection, 254, 264 
preliminary experiments, 241 
reactions of, 132 
Le Chatelier^s principle, 39 
Lecture Topics, 352 
Logarithms, table of, 382 

Magnesium ion, carbonate, solubility 
in the presence of NHi”*', 180, 
279 

detection, 283, 286 
precipitation of NH 4 MgP 04 , 180 
preliminary experiments, 250 
reactions of, 179 


Manganese ion, detection, 274 
preliminary experiments, 248 
reactions of, 168 

Mercuric ion, detection, 264, 267 
preliminary experiments, 244 
reactions of, 136 
Mercurous ion, detection, 254 
preliminary experiments, 243 
reactions of, 134 
Metal ions, classification, 127 
Group 1, 129, 252 
Group 2, 136, 257 
Group 3, 152, 270 
Group 4, 173, 279 
Group 5, 179, 285 
Metals and alloys, 289 

Nickel ion, detection, 275 
preliminary experiments, 248 
reactions of, 163 
Nitrate ion, detection, 329 
preliminary experiments, 298 
reactions of, 199 
reduction to NH», 200, 330 
Nitric acid, action on sulphide, 130 
Nitrite ion, detection, 328 
preliminary experiments, 298 
reactions of, 200 
Notes, recording of, 353 

Oxalate ion, detection, 317 
destruction in systematic analysis, 
193 

preliminary experiments, 295 
reactions of, 194 

Oxidation-reduction, see Redox reac¬ 
tions 

Oxidizing anions, detection of, 310 
Oxidizing potentials, 98, 100 
calculation of, 101 
table of, 102 
Oxonium ion, 12, 23 
concentration, determination of, 
109, 111 

pH, calculation of, 109 
determination, 109 
Phosphate ion, detection, 315 
preliminary experiments, 295,337 
reactions of, 1^ 
scheme for removal of, 338, 340 
Polar and non-polar compounds, 12 
solvents, 15 



390 


INDEX 


Polarity of covalent compounds, 13 
Potassium ion, detection, 287 
preliminary experiments, 251 
rea(?tions of, 181 
Potentials, calculation of, 101 
oxidizing, 98, 100 
cal(‘ulation of, 101 
table of, 102 
sign of, lOO 

Precipitates, dissolving of, 75, 76 
Precipitation, 229 
fractional, 79 
of CdS, 78 
prevention of, 75 
with 1128, theory of, 258 
Preliminary experiments, anions, 293 
metal ions, 241 
pliosphate separation, 337 
Preparatory work, 239 
l^epared solution, 303, 308 
Problems, buffered solutions, 113 
dilution, 212 
hydrolysis, 119 
ionization, 66 
ion-product, 109 
non-redox, 209, 214 
pH, 109 
redox, 218 

solubility product, 81 
special, 220 

Qualitative Analysis, defined, 1 
method of, 3 

Quantitative Analysis, defined, 1 

Keagents, list of, 357, 358 
preparation of, 361 
special, 358 

Kedox reactions, equilibrium con¬ 
stant for, 104 
problems, 218 

Keducing anions, detection of, 311 
Ktanoval of cations, 308 
interfering anions, 334 
phosphate, 338, 340 

Salt effect, 59, 64, 68 
Salts, 26 

process of solution, 27 
Silver ion, detection, 254 
preliminary experiments, 242 
reactions of, 128 


Sodium ion, detection, 287 
preliminary experiments, 251 
reactions of, 185 

Solubilities, table of, inside back 
cover 

Solubility, 37 

and size of particles, 50 
Solubility product, 67 
and super-saturation, 75 
application of, 72 
calculation of, 68 
determination of, 72 
limitations of, 68 
problems, 81 
table, 363 

Solution, of CdS, 78 
of CuS, 193 
of HgS, 196 

of sulphides, theory of, 91 
of ZnS, 78, 92 

Solution of precipitates, 75, 76 
Solutions, 36 
buffered. 111 
(uilculations, 205 
electrolytes, 140 
known, 361 
molar, 207 
normal, 207, 217 
per cent, 205 
side shelf, 355 
test, 361 
unknown, 361 
Spectroscope, 237 
Standard oxidizing potentials, 98 
calculation of, 101 
table of, 102 
Stannic, see Tin 
Stannous, see Tin 
Stirring, 230 

Strontium ion, detection, 283 
preliminary experiments, 249 
reactions of, 177 
Structure of compounds, 5 
electronic, 6 

Sulphate ion, detection, 314 
preliminary experiments, 293 
reaction of, 187 

Sulphide ion, detection, 308, 323 
preliminary experiments, 296, 297 
reactions of, 198 
Sulphite ion, detection, 319 
preliminary experiments, 294 
reactions of, 187 
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Table, atomic weights, inside front 
cover 

constants for complex ions, 8<S 
dielectric constants, 28 
Table, ecfuivalents of oxidants, 217 
reductants, 218 
indicators, 110 
ionization constants, 48 
values, 48 
logarit hins, 382 
oxidizing potent ials, 102 
reagents, 357, 358 
solubilities, inside back cover 
solubility products, 363 
standard solutions, for anions, 360 
for metal ions, 359 
Test solutions, preparation, 361 
Tests, limitations of, 4 
Thiocyanate ion, detection, 323 
preliminary expcTinients, 296, 297 
reactions of, 197 
Tin, detection, 268 

divalent, reactions of, 148 


tetravalent, preliminary experi¬ 
ments, 245 
reactions of, 149 

Transfer of supernatant solution, 236 

Unknown solutions, prc'paration of, 
361 

Valence, and atomic structure*, 9 
dative* or coordinate, 11 
ek'ctrovalene'e, 7 
in long periods, 10 
of coordinate*d groups, 17 
of elements, radie^als and ions, 29 
variable, 10 

Washing the precipitate, 236 

Werner’s theory, 15 

Zinc ion, dete*ction, 275 

preliminary experiments, 249 
reactions of, 170 
solution of hydroxide, 172 





